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The chemists are a strange class 

of mortals impelled by an almost insane 
impulse to seek their pleasure 

among smoke and vapour, 

soot and flame, poisons and poverty ; 
yet among all these evils | seem 

to live so sweetly that | may die 

if | would change 

places with the Persian King. 


Johann Joachim Becher 
(1669) 


Preface to the Third Edition 


In order to make this third edition of the book more useful to the students and 
their teachers most of the chapters have been carefully revised and updated. 
Many problems have been worked out with a view to enhancing the confidence 
of the young students. 

I am extremely grateful to Shri Debdas Nath and Shri Mohendra Nath Paul 
for their advice and cooperation, 

It has been a pleasure for me to note the support that the students and teachers 
all over the country have accorded to the book. T look forward to constructive 
comments and suggestions from all quarters on this edition as well. 


R L DUTTA 
Burdwan, West Bengal 
July, 1986 


Preface to the Second Edition 


The book has been thoroughly revised and substantially enlarged maintaining 
the same chapter lay-out of the first edition. In order to make things easier for 
the students the book has been split up into two Parts: Part I: Principles and 
Part II: The Chemical Elements and their Compounds, Several new Appendices 
have been added at the end of Part II to aid in the understanding of the textual 
matter. It is hoped that this augmented edition will render better service to the 
Honours undergraduates of the Indian Universities. 

The services of Dr G. P. Sengupta and Dr S. P. Banerjee in the preparation 
of the manuscript and press materials are gratefully acknowledged. I appreciate 
the assistance given me by my research associates, Shri S. К. Satapathi and Shri 
R. Sharma in proof reading. I desire to put on record my indebtedness to Shri 
Debdas Nath and Shri Mohendra Nath Paul for their playing key-roles in the 
publication of this revised edition. 

I heartily thank all those who had so kindly sent in their comments and 
suggestions on the first edition. Further comments are welcome. ` 


RL DUTTA 
Burdwan, West Bengal 
June, 1980 


Preface to the First Edition 


The book is designed to serve mainly B Sc (Honours) undergraduates of Indian 
Universities. Some chapters will be useful to M.Sc students as well. An endeavour 
has been made to show that properties of chemical elements are closely related 
to their electronic configuration. Orbital hybridisation, molecular orbital and 
crystal field models have been introduced for a clear understanding of modern 
inorganic chemistry. Study questions and bibliography are added after each 
chapter. 

I am thankful to Dr 5. C. Rakshit, Dr A. K. Chaudhury, Dr А. S. Basu, 
Dr G. S. Ре, Shri G. P. Sengupta and Shri S. Sarkar for their comments. I am 
particularly grateful to Dr S. Ghosh for going through the manuscript and making 
useful suggestions on the draft. I am also thankful to the management and the 
staff of M/S Sadhana Press Pvt. Ltd. for cooperation. I wish to record my deep 
sense of gratitude to Prof. S. R. Palit for encouragement but for which the book 
would not have seen the light of the day. 

Despite my best efforts, some errors might have crept in. Suggestions and 
criticisms from learned professors and inquisitive students towards improvement 
will be thankfully received and gratefully acknowledged in the next edition. 


RL Dutta 
Burdwan, West Bengal 
June, 1973 
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‘PART 1 
PRINCIPLES 


The Structure of Atoms 


Rutherford had remarked that it is not in the nature of things for any one 
man to make a sudden, violent discovery. Science goes step by step and every 
man depends on the works of his predecessor. The chemists and the physicists 
of the Rutherford era had to draw from the work of their predecessors. The journey 
from the Daltonian model of the atom to the modern structure of atoms was a 
long and arduous one. The Daltonian atom was conceived to be an indivisible 
particle capable of independent existence. An atom was considered the smallest 
building block of matter and nothing smaller existed. A scrutiny of the develop- 
ments after Dalton raised doubts about the validity of the indivisibility of the 
atom. At the turn of this century many valuable informations were being compiled, 
which clearly indicated that Dalton's atom по longer enjoyed the exalted position 
granted to it; instead these results showed that an atom was composed of further 
subatomic particles such as electron, proton and neutron. Today an atom is con- 
sidered to be made up of a tiny nucleus carrying neutrons and protons. This tiny 
nucleus has around itself a certain number of negatively charged particles of 
negligible mass, called electrons, arranged in a definite order. These extranuclear 
electrons were earlier thought to be rotating around the nucleus in some definite, 
permitted orbits, and while doing so there was no emission or absorption of energy. 
Today the electrons are considered to give rise to standing waves, and we can at 
most talk of the probability of discovering a particular electron in certain region 
of space around the nucleus, called orbitals. 

Electrons hold the key to the chemical world. Our present day understanding 
of the chemical elements and their properties rests primarily on the electronic 
structures of the elements. A chemical reaction is the outcome of some change 
in the electronic arrangement of the reactant atoms. We can hardly afford to 
ignore the enormous importance of the electronic structures of atoms. So we 
begin our study of the inorganic chemicals with a discussion of the structure 
of atoms. 
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11. THE COMPONENTS OF ATOMS: ELECTRONS AND NUCLEI 


111. The Electrons. That atoms can be split further into subatomic funda- 
mental particles was convincingly demonstrated by experiments involving the 
conduction of electricity through gases at low pressures. Gas discharge tubes 
are provided with a negative electrode (cathode) and a positive electrode (anode), 
with provisions of evacuation. Under normal conditions gases are poor conductors 
of electricity. At reduced pressures, however, conduction occurs. When discharge 
tubes are partially evacuated and the cathode and the anode are connected to a 
source of high voltage (spark coil), an electric current flows through the tube. 
This flow of electricity is associated with a glow or rays of light which have their 
origin at the cathode surface. These rays travel from the cathode to the anode. 
Since they originate from the cathode they are called cathode rays. 

The properties of these cathode rays were extensively investigated by Thomson 
for over twenty years. Thomson showed that these rays could be bent from their 
path both by electric and magnetic fields, and hence the rays must carry electrically 
charged particles. He could prove from the direction of bending that the cathode 
rays were made up of negatively charged particle, He called them electrons. 

Thomson measured the charge to mass ratio, e/m, of the electrons. Millikan 
determined the absolute charge of the electron. He found that tiny oil drops in 
ionised air would tend to pick up an electric charge and could then be debarred 
from falling under gravity by the application of an electric field of appropriate 
intensity and direction. The charges acquired by the drops were found to be multi- 
ples of some smallest charge. This smallest charge was considered to be associated 
with a single electron. In usual units this charge is e = 1.6 10-19 coulombs] 
electron ( = 4.8 x 1079 esu/electron). Thomson's experiments gave e/m of the 
cathode rays as 1.76 Х 10° coulombs/gm so that the mass of an electron becomes 
9.108 x 10728 gm/electron. The electric charge carried by the electron is expressed 
in the arbitrary relative value of —1; a unit negative charge — 1, therefore, carries 
with it the absolute value of e = 1.6 x 107? coulomb/electron = 4.8 x 1071? esu/ 
electron = 1.6 x 10? emu/electron. (Velocity of light ~ 3.0 x 1079 cm/sec). 

The mass of the electron as given above is the rest mass which is valid as long 
as the velocity of the electron is not too great. The usual speed of an electron is 
about one-tenth of the velocity of light. Although this speed of the clectron is 
still very high, the electron is considered to be at rest compared to light. It is 
interesting to note that experiments on the e/m of electrons of varying speed (as 
with beta-rays of different origins) have shown that e/m value decreases slightly 
with increased velocity of the electron. The charge e of the electron being рго- 
bably quite independent of the velocity, the obvious conclusion is that with increas- 

ing speed the mass of the electron increases. The following mathematical relation 
describes the change of mass with changing velocity of a particle: 


m = та = је) 4 
where то, v, and c stand for the rest mass of the electron, velocity of the electron 
and the velocity of light respectively. 
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Thomson had also developed an equation connecting radius (r), mass (m) 
and charge (e) of a spherical, charged particle: 


2e 
7 3m 


This Thomson equation needs some elaboration. The e is expressed in emu units 
and the, mass is considered to be electromagnetic in orgin. A particle is considered 
to possess mass whenever energy is to be supplied to set it in motion. А moving 
charged particle such as the electron creates a magnetic field. The magnetic field 
is created at the expense of energy and this energy has been supplied to the electron 
while setting it into motion. Since the electron has an electric charge and can 
generate a magnetic field (while in motion) it has an electromagnetic mass. Putting 
the appropriate values of e and m of an electron, the radius of an electron worked 
ош to be ~ 2.0 x 1073 ст. 

The existence of electrons has since been confirmed in many other experiments. 
Heavy atom nuclei, such as those of uranium, radium, polonium, etc. undergo 
spontaneous disintegration into nuclei of other atoms. Such disintegration pro- 
cesses are accompanied by radiation, and form the subject matter of a separate 
chapter on radioactivity. These radiations are due to spontaneous relcase, from 
inside the nuclei, of alpha particle (doubly charged helium ion He1*), beta particle 
(an electron) or gamma ray (short wave length rays). Electrons аге also emitted 
by active metal surfaces at high temperature (thermionic emission) or upon irra- 
diation of a metal surface by light of short wave length (photoelectric emission). 
Addition or removal of electrons to or from atoms is also the basis of electrolysis. 
Electrons are known to play a key role in chemical reactions. 

Thomson's determination of ејт of the electron. The electron beam originating 
liom the cathode С (Fig. 1.1). passed through a hole in the anode А. А narrow 
beam of the electrons was selected with the help of the slit S. The plates PP could 
be connected to a source of high potential and thus an electric field applied to the 
electron beam. An electromagnet M outside the tube provided the necessary 


magnetic field. 


Fia, 1.1. Thomson's apparatus for determination of e/m of electrons. 


Consider a stream of negatively charged particles, each with the same charge 
e and mass m moving in a straight line with a velocity v. If a magnetic field (H) 
is applied at right angles to the direction of the beam, the magnetic force experi- 
enced by each particle is Hev. The electrons will describe a circular path of radius r 
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under the influence of this force. The. centrifugal force mv*/r will be equal and 
opposite to the magnetic force. Thus, 


Hev = mv*/r and ејт = ој Hr 


If an electric field, X, is applied to an electron the force on the electron will be Xe. 
Now the experimehtal conditions are so adjusted that the magnetic and electric 
field work in opposition and that there is no deflection from the original direction 
ofthe beam. Then, 


Hev = Хе; v = ХН and e/m = X/H?r 


The position F of the undeflected electron beam in the absence of electric or 
magnetic fields was first noted on the far end of the apparatus. The magnetic' 
field was then applied and from the deflection to G the radius of curvature of the 
path was calculated. The electric field was then applied and adjusted so as to bring 
the electron beam back to its original position. The strengths of the magnetic and 
electric fields for no deflection allowed the calculation of e/m. 

о Evaluation of r from the dimension of the 
aN apparatus: The radius of curvature, r, can be 
RAS G evaluated following Fig. 1.2. 
n OF: = HG? = QG*—HQ* = "но: 
r?=—(OQ—OH)* 
ri—(r—FG* 
r?—r? +27 FG— FG? 
FG (2r—FG) 
Thus with a knowledge of OF and FG the radius 
of curvature, r, can be obtained. 

The same e/m was obtained irrespective of the nature of the gas present inside 
the cathode ray tube or of the material of the cathode. This striking constancy 
of e/m for negatively charged particles under a variety of conditions suggested 
that the cathode rays were all made up of the same particle, electron, and they 
were the carriers of electricity. 

Millikan's determination of the electronic charge. Millikan essentially devised 
a technique of studying the rate of fall of tiny oil droplets in thermostated 
chamber under the influence of gravity and under the influence of an applied 
electric field. Because of the gravitational force, the droplet fell through the at- 
mosphere of the chamber with a uniform velocity which was determined by the 
size of the droplet and by the temperature and pressure in the chamber. The electric 
field was applied by connecting two metal plates А, B (Fig. 1.3) fixed to the lower 
half of the chamber and a few centimetres apart, to sources of high voltage. The 
upper metal plate А, had quite a number of very small holes through which oil 
droplets could enter the space between the charged plates. By means of an ato- 
miser a fine spray of a non-volatile oil was introduced into the chamber. By chang- 
ing the electric potential difference it was possible to alter the velocity of fall 


|| 


| 


Fic. 1.2. Evaluation of r 
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of the oil drop, to make the drop stand still or even to make it travel upwards. 
Millikan ionised the air in the chamber by application of X-rays so that the oil 
drops could attach to gaseous ions, thus acquiring a charge. The movement 
of the oil drop was followed by ТО MANOMETER TO PUMP 
atelescope to which were attached = V CSI ue 
two sets of crosswires. 

If v, is the rate of fall of the 
drop under the influence of gravity 
and v, the rate of upward travel 
under an electric field of strength X 
acting in opposition to gravity, then 


LIGHT 
— 


Де Rays 
Wil. Мав о _ mag (vs +) : 
v; Херта " Хи = Ча 

© * 
where та is the mass of the drop, $ 
ең the charge it carries and 2, thé ро, 1.3. Millikan's apparatus for determina- 
acceleration due to gravity. Since the tion of the electronic charge. 


weight remains constant, v; (velocity 

in the absence of electric field) should remain constant. But va may change if the 
charge ел carried by the drop changes in successive journeys. The results showed 
that e; changed often. The two velocities v; and v, were found out from a know- 
ledge of the time taken by the oil drop to travel the known distance corresponding 
to the gap between the two sets of crosswires of the telescope. The charge of the oil 
drop could be calculated from the above relation provided the mass of the drop was 
known. The mass was calculated from v, using the following relation: 


„= + (н-т) (142) 


where r is the radius of the drop, pa and ра are the densities of the drop and of air, 
7 is the viscosity of air, A is the mean free path of the air molecules and А is an 
empirical constant. Once r is known the volume (4/3«r?) of thedropis also known. 
Now the density p being also predetermined, mass та, is given by the product 
of the volume and density. | 

If the variation of upward velocity under the influence of the electric field 
is due to differences in the charge carried by the oil drop and if this charge is 
always an integral multiple of a single unit, presumably the charge of the electron, 
the values of en must always be a multiple of the smallest charge observed. This 
smallest charge was found to be 1.6 x 103» coulombs/electron (= 4.8 X 1071 
esuJelectron). 

Coulometric determination of the electronic charge: During electrolysis of 
aqueous solution of a suitably chosen metal salt a deposit of the metal takes place 
on the cathode. А monopositive cation M+ acquires an electron from the cathode, 
changes to neutral M and is then deposited on the cathode. It therefore follows 
that electrodeposition of one mole of a monopositive cation will need one mole 
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of electrons. Thus if we know precisely the quantity of electricity (charge) that 
passes through the solution during a fixed time and also know from the initial 
and final weights of the cathode the amount of the metal deposited on the cathode 
during the same time interval We can calculate the charge associated with’ a single 
electron. 

Electrodeposition of silver from an aqueous solution of à silver salt is a suitable 
experiment for the determination of the electronic. charge. A constant current 7 
(amperes) is passed through a solution of Silver nitrate during a time г (seconds). 
Then: Number of coulombs of charge = Г x t (1 coulomb = 1 ampere sec). Number 
of coulombs required to deposit of 1 gm. of silver, 

_ number of coulombs passed during time / 
JA grams of silver deposited during time ¢ 
= 894.5 coulombs/em. of silver (experimental result) 


If we multiply this figure by the gram atomic weight of silver ie., by the mass of 
1 mole of silver we have the number of coulombs necessary for the deposition of 
one mole of silver: 

(894.5 coulombs/gm) x (107.9 gm/mole) = 96,500 coulombs per mole. Electro- 
lysis experiments reveal that the coulombs required for the deposition of one 
mole of other ions are either 96,500 or integral muitiples of 96,500, 


The charge of 96,500 coulombs 


Meta] коо ae S hag can thus be considered as the 
Na 96,500 charge carried by a mole of 
Cu 193,000 electrons. 96,500 coulombs go by 
Mg 193,000 the name ‘faraday’ after Michael 


Faraday who did the pioneering studies on electrolysis. Now since a mole means 
the Avogadro number we have: 
Charge associated with an electron 


96,500 coulombs 96,500 couiombs 


= mole ofelectrons _ 6,02 X 10° electrons 
1.60 x 10-19 coulomb/electron = 4.8 x 10-10 esu/electron 
= 1.60 x 10-2 emu/electron. 


ll 


rays originating in outer Space. The identification of the positron was done with 
the help of Wilson cloud chamber. 

Wilson cloud chamber is a chamber provided with a piston. The chamber is 
filled with dust-free air saturated with water vapour. On sudden expansion (by 


If a charged particle moves through the chamber it will ionise the molecules in its ` 
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path and water drops will condense on the.ions. Against a dark background and 
with proper illumination the path of the charged particles can be photographed 
as a cloud track. The chamber can be placed in a magnetic field and the path of the 
charged particles may be studied. 

The path of electrons in an applied magnetic field was studied in a Wilson 
cloud chamber: The positrons in cosmic rays were observed to give a curvature 
opposite in direction to that given by electrons in an applied magnetic field. It 
was observed that the electrons and positrons on passing through a lead plate 
of a few mm. thickness (placed inside the cloud chamber) showed the same degree 
of curvature but in opposite direction. The curvature and the length of the path 
traversed after passing through the lead plate was several times more in the case 
of positrons than in the case of protons. 


1.1.3. The Nuclei. Rutherford and his students described some alpha particle 
scattering experiments that profoundly influenced our conception of atoms. The 
alpha particles were already established by the group as He?* from their behaviour 
in electric and magnetic fields. А beam of alpha particles, obtained from sponta- 
neously disintegrating polonium, was directed on to a very thin foil of platinum 
or gold. With the help of a fluorescent zinc sulphide screen around the platinum or 
£old foil, any deflection of the alpha particles was observed. Тће vast majority 
of the alpha. particles passed straight through the foil. But a very limited few 
were found to be deflected (Fig. 1.4) back from the foil, some even appearing on 
the side of incidence. Rutherford concluded that since most of the alpha particles 
passed straight through there must be a very large volume of empty space in the 
atom of platinum or gold. A very small part of the platinum or gold atom must 
be responsible for the large scattering of the very few alpka particles, and this 
small part must be very dense and positively charged. This small, central part was 
called the atomic nucleus. 

Rutherford worked out mathematically the laws that the scattering should 
obey and found that the number of alpha particles scattered through a given 
angle was proportional to the thickness of 
the foil, the square of the nuclear charge 
and inversely proportional to the fourth 
power of the velocity of the alpha particle. 
Thus nuclei of high charge deflected more 
alpha particles throvgh a given angle than 
nuclei of lower charge. Such alpha par- 
ticle scattering experiments were done 
with thin foils of many different elements; 
with results conforming to Rutherford's 
derivation of the scattering laws. 

А knowledge of the dimension of the 
nucleus can be obtained as follows: port 

The charge on the alpha particle is Fia. 1.4. Scattering of alpha particles 
2e and that on the nucleus is Ze. The by atomic nuclei, © 


ALPHA PARTICLE METAL ATOM 
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repulsive force between the alpha particle and the atomic nucleus is 2Ze*[r?, r being 
the separation between the atomic nucleus and the alpha particle. The potential 
energy of the system is 2Ze?/r whereas the kinetic energy of the alpha particle is 
уто". It is a reasonable assumption that one alpha particle will reverse its path 
when its kinetic energy is equal to the potential energy due to repulsion. The 
distance r at which this occurs is given by mv? = 2Ze?[r, where r is the effective 
radius of the nucleus. The mass m of the alpha particle is four times that of the 
hydrogen atom which again is 1838 times heavier than an electron (т = 4 х 1838 x 
9 x 1078 gm/alpha particle). The velocity of alpha particles is ~ 2 x 109 cm/sec. 
Taking 2 = 10 and e as 4.8 x 10-1 esu the value of r is found ође ~ 3 x 1078 ст, 
It is interesting to note that an electron also has a radius of the same order. 

The following conclusions, and an atomic model emerged from Rutherford's 
experiments; 

1. All the positive charge and almost the entire mass of the atom was con-, 
centrated in a very small, central core called the atomic nucleus. 

2. The large deflection of an alpha particle from its original path was due to 
Coulombic repulsion between the alpha particle and the positive nucleus of an 
atom. Simple impact between two such massive particles can lead to a scattering 
of the order of only about 1°. 

3. An alpha particle suffers little deflection while passing by an electron. 

4. The radius of an atomic nucleus is ~ 10—13 cm, being the same as that of 
an electron. Since the radius of an atom is ~ 10-8 cm it is obvious that an atom 
must have a very empty structure. 

5. An atomic model was proposed by Rutherford: a very small positive 
nucleus was considered surrounded by electrons. Such a system cannot be stable 
if the electrons were at rest. Therefore it was proposed that the electrons were 
moving in circular orbits around the nucleus so that the Coulombic attraction 
between the nucleus and the electron was equal to the centrifugal force on the 
electron. 


1.1.4. X-ray Spectra and Atomic Number. Although Rutherford's alpha ray 
scattering experiments allowed a determination of the positive charge of the nucleus 
the identity of the nuclear charge and atomic number of an element was established 
by X-ray spectral data obtained by Moseley. 


Ñ When a beam of high energy electrons falls on 
a metal target, the atoms.of the metal are excited, and 
ed M emit radiant energy. The incident electron beam raises 


Some electrons of the atom of the metal target to differ- 
ent excited levels. Some electrons may even be com- 


Rp" Е pletely expelled from the atom. The vacancies thus 
created are now filled up by electrons of higher levels 
moving in to occupy the lower energy levels. This move- 

K 


ment results in emission of energy. The Tays constituting 
Fic, 1.5. Formation of the radiant energy are composed of electromagnetic 
characteristic X-rays. waves and are comparable to light waves. They have 
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been called X-rays. X-rays аге not charged and are not deflected in electric ог 
-magnetic fields. Since X-rays are emitted as a result of an interaction of an elec- 
tron beam and a metal target it occurred to Moseley that а study of the X-rays 
originating from different metal targets may furnish fundamental informations 
about the structure of the elements. Each element was expected to produce a 
characteristic X-ray spectrum. Moseley examined over thirty metal targets from 
aluminium to gold. Where the elements themselves could not be used as targets 
(e.g. bromine), the target to be bombarded with electron beam was coated with 
a suitable compound of the element. 

Prior to Moseley's work Bragg had shown that crystals can act as diffraction 
gratings for X-rays, since the spacing of atoms and molecules in crystals is of the 
same order as the wave length of the X-rays. Following the technique developed 
by Bragg for measuring the wave length of X-rays, Moseley analysed the 
X-radiation by using à crystal of K,Fe(CN), as a diffraction grating. The frequency 
of.the characteristic X-ray radiation could be calculated. It was observed that 
characteristic X-rays of an element consisted of groups of rays of different frequen- 
cies. When a high energy electron beam ejects an electron from the first, most 
stable, deep seated level of an atom of the target element, an X-ray spectrum is 
produced as a higher level electron drops down to the first level. This X-ray 
belongs to the К. series. When an electron from the second level is ejected, the 
X-ray spectrum thus produced belongs to the L-series and so on (Fig. 1.5). The 
energy decreases from K to L, then to M etc. The K lines are given by elements 
of low atomic weights, the L lines by copper onwards while the M, N, etc lines by 
heavier elements only. In attempting to find а relationship between the wave 
lengths of the emitted X:radiation of an element and its other properties, Moseley 
plotted the square root of the reciprocal of the shortest observed wave-length 


(1/A)t for each element against its atomic weight. A straight line was obtained but 


10 20 30 40 
ATOMIC NUMBER 


Его. 1.6. Linear relation between atomic numbers and square 
root of the X-ray frequency. 
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the points of a few elements were off the line. A better plot (Fig. 1.6) was obtained 
when the atomic weights were replaced by the order number (serial number) of 
the elements in the Periodic Table. The frequency v of the line belonging to any 
characteristic X-ray series was found to be related to the atomic number Z of the 
element as: 
М» = a(Z—o) 
where ‘a’ is a proportionality constant and о is the screening constant. The magni- 
tude of the screening constant indicates the extent to which the full nuclear charge 
of an element is hidden from the electron in a particular shell. For a particular 
group of characteristic X-rays с is a constant so that (v) = (1/2)! should obey 
a linear relation with the atomic number. 

As the atomic numbers of the elements increase, the wave lengths of the 
Characteristic X-rays decrease. Moscley concluded that there is a fundamental 
quantity in an atom which increases in regular steps with increasing atomic number 
and that this was the charge of the positive nucleus. The most reasonable inter- 
pretation of Moseley’s work can be made if the atomic number of an element is 

. taken as equal to the charge on its atomic nucleus. Realisation of this identity 
of atomic number and nuclear charge brought to light that in order to maintain 
electroneutrality the atom must carry extranuclear electrons whose number must 
equal the atomic number. The atomic nuraber of sodium is eleven and, therefore, 
it must carry eleven positive charges in the nucleus and eleven extranuclear elec- 
trons. А good correlation between X-ray spectra and atomic number, but not atomic 
weight, further indicated that an element is characierised by its atomic number and 
not by atomic weight. The properties of an element are dictated by its atomic number 
and so by' the number of its electrons, specifically by their arrangement outside the | 
nucleus. 

In the above correlation it is imperative that each positive charge of the 
nucleus involves an absolute charge equal but opposite to that carried by one 
electron. R 


1.1.5. The Structure of the Atomic Nuclei. Since the extranuclear electrons 
contribute negligibly to the total mass of the atom and since atom is electrically 
neutral it follows that the nucleus must carry particles which will account both 
for the mass and the positive charge of the atom. We have so far deliberately 
restricted the discussion on discharge phenomena at low gas pressure. The pro- 
duction of cathode rays in discharge tubes inspired physicists to look for oppositely 
charged ions, namely positive ions. Goldstein added a new feature to the discharge 
tubes by using holes in the cathode. With this modification, it was observed that 
on operating such discharge tubes there appeared not only the cathode rays travel- 
ling from the cathode to the anode but also a beam of positively charged ions 
travelling from around the anode to the cathode. Some of the positively charged 
particles passed through the hole in the cathode and produced a spot on the far 
end of the discharge tube. - 
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The nature of these positive rays was extensively investigated by Thomson. 
it proved much more difficult to analyse the beam of the positive rays than to 
analyse a beam of electrons. On deflection by a magnetic and electric field the 
positive ray beam produced a large diffuse spot indicating that the ејт ratio of 
the constituents of the beam was not the same and that the particles moved with 
diferent velocities. Thomson further demonstrated that each different gas placed 
in the apparatus gave a different assortment of e/m. 

Using hydrogen inside the gas discharge tube Thomson observed two spots 
with different angles of deflection. Similarly oxygen produced two spots. Analysis 
of the positive ray pattern was made by Thomson on the basis that each of the 
particles had a positive charge of one unit and that the one deflected to the largest 
extent had the smallest mass. On this basis the four spots obtained from hydrogen 
and oxygen represented particles of masses 1, 2, 16 and 32 corresponding to species 
H+, H^, O* and Ota. The mass ratio of ! : 16 for H* and O* ions, and 2 : 32 for 
Н+, and O+, correspond to the mass ratio of hydrogen to oxygen obtained by 
chemical analysis. ; 

Since a Н+ is produced from a hydrogen atom by the loss of one electron, 
which has but a negligible mass, it follows that the mass of a H* is the same as 
that of a hydrogen atom (— 1). The particle represented by H* is called a proton, 
and is considered a fundamental constituent that accounts for the positive charge 
of the nucleus. The proton carries with it the absolute charge op ae О 05 
coulombs[proton (= 4.8 X 10-9 esu/proton) and is given an arbitrary relative 
value of + 1. The unit positive charge, therefore, represents 1.6 X 1029 coulombs] 
proton or 4.8 X 10-20 esu/proton. 

Attempts were now directed toward a correlation of atomic mass number 
(= integer nearest to the atomic weight) and nuclear charge (— atomic number). 
1С А stands for the mass number and Z for the nuclear charge of an element, then 
Z units of nuclear charge means Z number of protons inside the pucleus. But Z 
protons can contribute only Z mass units. The shortfall of the 4—2 mass units 
bothered chemists and physicists for quite some time. Rutherford then suggested 
that this shortfall must be made up by another fundamental particle. This particle 
has to be electrically neutral, and has to carry a mass equal to that of the proton, 
namely 1. He named the particle, in advance, as neutron. 

The glory of discovering the neutron went to Chadwick, one of Rutherford’s 
students. When alpha particles were made to strike a beryllium target there 
appeared some radiations which were highly penetrating and were capable of 
ejecting protons from hydrogen, helium, etc. From an analysis of the velocity, 
mass and charge of the radiation Chadwick concluded that the particles had the 
same mass as that of protons but had no charge. Consequently these were Ruther- 


ford’s neutrons. The reaction is: 
9 4 12 1 
‚Ве + „Не + 4C + yt 


where the superscripts represent the mass numbers and subscripts the atomic 
numbers. 
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An interpretation of the atomic nuclei on the basis of neutrons and protons 
is now a simple affair. Taking oxygen of mass number 16, for example, and recall- 
ing that the atomic number of the element is 8, we have an atomic nucleus com- 
posed of 8 protons and 8 neutrons. Since neutrons contribute only to the mass 
of the element but does nothing toward charge it follows that there may exist species 
with the same number of protons but varying numbers of neutrons inside the nucleus. 
Such species must belong to the same element and must vary only in their mass 


numbers. They are called isotopes. Thus іН, `H, iH are three isotopes of hydrogen, 


16 17 18 
and „О, ¿O and „О are three isotopes of oxygen. 


Further informations on nuclear stability, nuclear binding forces and nuclear 
phenomena are given in Chapter 12. 


1.2. THE EXTRANUCLEAR ELECTRONS 


The nuclear region has a negligibly small dimension ~ 1073 cm corapared to 
the overall atomic dimension ~ 10-5 cm. The negatively charged region with a 
radius some 10* times as large as the nucleus is the principal area of interest to a 
chemist. 


1.2.1. The Wave Model for Light. Newton had long back shown that sunlight 
could be separated, by passage through a prism, into light of many colours (red to 
violet), thus giving rise to a spectrum. А light, pattern consisting of a continuous 
Sequence of colours varying from red to violet, is called а continuous spectrum. 
On the other hand some light sources may give rise to one or a few coloured lines 
separated by dark spaces. This type of spectrum is called a line spectrum. The 
colour and position of a line spectrum must coincide with the position of the same 
colour in the continuous spectrum. It was observed by spectroscopists that atoms 
of various elements on excitation gave characteristic emission spectra. The emis- 
sion spectra were not continuous bands of light from red to violet, such as that 
in sunlight; instead each excited element gave out a spectrum consisting of a 
number of separate lines and no two elements gave identical spectra. The line 
spectra are produced by atoms, and therefore these are often referred to as atomic 
spectra. Atomic spectra are usually given by outer electrons while X-ray spectra 
are produced both by outer and inner level electrons. 

In the nineteenth century a theory of light, based on the assumption that 
light is a wave, was in use by scientists. A light wave must have characteristic 
properties, namely the wave must have energy, wave length, amplitude, velocity 
and frequency. Visible light was but a small part of a vast continuous spectrum 
of radiation that is electromagnetic in nature. Experimentally the velocity, c, of 
all electromagnetic radiation is found to be the same —3x101? cm/sec in a 
vacuum. Figure 1.7 shows a wave with its wave length and amplitude. The distance 
from a crest to the next crest, or from a trough to the next trough, is called 
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the wave length (A). Amplitude is (ће, height of the wave measured (along the у 
axis). The number of waves to pass by a given point in one second is the fre- 
quency (») of the wave. Since all electromagnetic 
waves travel with the same velocity, ¢, more 
waves of a shorter wave length will pass by per 
second than waves of longer A. It follows that ~ 
A and v must be connected by an inverse 
relation: 

А ос Пју; А» = a constant = distance co- 
vered by the wave in a second — c where c is 
the velocity of light, 3 x 10! cm/sec. 

There appeared two difficulties in the inter- 
pretation of the properties of light in terms 
of wave theory. One difficulty related to the linc spectrum emitted by сїс- 
ments. The other dilficulty was the explanation of the observation that a metal 
emitted electrons only when it was excited by light (photoelectric emission) of 
wave lengths shorter than some wave length characteristic of the metal. Thus 
only light of certain minimum energy could knock electrons from a given metal 
surface. 

The explanation of these experimental observations was not possible on classi- 
cal wave theory. Planck postulated a new and revolutionary theory that radiant 
energy emitted by an element was not continuous in nature but, rather was emitted 
in discrete units, bundles or quanta. He assumed that energy in matter was in 
bundles. A bundle of energy, that is, a quantum of energy emitted as light is 
called a photon. Planck showed that the energy of a photon was proportional to 
its frequency v; 


y 


wave 
length < 


Amplitude 


»х 


Fig, 1,7, Schematic diagram 
showing wave length & 
amplitude. 


Е су; Е = ћу Y 


where / is called Planck's constant and has the value 1.5836 x 10-9? Kcal-sec or 
6.627 x 10-2" erg-sec. 

` This model afforded an explanation of line spectrum given by various elements. 
According to quantum theory of radiation fixed wave length or frequeney of the 
emission lines corresponds to definite, fixed energy values. When atoms аге 
energised or excited to higher levels by heating they get rid of the extra energy by 
giving it off as photons and thus return to the original ground states. Atoms of 
dilferent elements emit certain (but different) amounts of energy that are charac- 
teristic of the particular element. It should be realised that line spectra (atomic 
spectra) prove that an atom does not give off any haphazard amount of energy but 
only quantised amounts. There must be some clue hidden in the electronic structures 
of atoms that must prevent it from emitting photons of all energies. 

Production of electrons in photoelectric emission is the result of the absorption 
of a quantum of energy by the atom. Electron emission could occur only when the 
energy of the photon of the exciting light is greater than some minimum energy- 
When light photons with sufficient energy are absorbed, one electron is emitted 
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for each photon absorbed. Light quanta with too small energy cannot force electron 
emission and only succeeds in raising the temperature of the substance. 


1.22. Line Spectra of Hydrogen and Bohr's Model. The emission spectrum 
of hydrogen atom was determined experimentally and it was possible to relatc 
the frequencies of the different spectral lines by a simple equation: 


1 1 
e A(a-) 


where пр and ли are integers and R is a constant, called the Rydberg constant 
after the name of the discoverer. 

The existence of discrete spectral emission could hardly be explained by any 
model at Rydberg’s time. The order and regularity of the true spectra indicated 
quantised emission of energy by the excited hydrogen atoms. 

According to Rutherford's model the entire mass of the atom was concen- 
trated in a tiny, positively charged nucleus around which the extranuclear electrons 
were moving in circular orbits. Since a stationary electron in such orbits will 
be dragged on to the nucleus, Rutherford had to propose that the extranuclear 
electrons were in constant motion in the orbit so that the electrostatic force of 
attraction between the electron and the nucleus was balanced by the centrifugal 
force tending to take the electron off the orbit. 

The Rutherford model was, however, not in conformity with the classical 
model of electromagnetic radiation. A moving charged particle will emit radiation, 
will then lose kinetic energy and eventually will hit the nucleus and perish. 

To resolve the anomalous position Bohr proposed several novel postulates: 

1. An atom possesses several stable circular orbits in which an electron can 
stay. So long as an electron stays in a particular orbit there is no emission or 
absorption of energy. 4 

2. Anelectron can jump from one orbit to another of higher energy on absorp- 
tion of energy, or from one orbit to another of lower energv with emission of 
energy. ‘ 

3. The angular momentum of an electron moving in an orbit is an integral 
multiple of A/2z. 

Bohr's model is shown in Fig. 1.8. The nucleus has a mass m' and the electron 

a mass.m. The radius of the circular orbit is denoted 

v by r and the linear velocity of the electron by v. In order 

that the orbit be stable, the centrifugal force exerted by 

the moving electron must equal the attractive forces be- 

m tween the nucleus and the electron. Two attractive forces 

are in operation— one being the electric force of attrac- 

tion between the nucleus (proton) апа the electron, the 

other being the gravitational force of attraction. How- 

Fig. 1.8.Bohr’smodel ever the gravitational force is comparatively weak and 
ofthehydrogenatom. cán be neglected. 
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Then, 
Me 5 mv? У f e 
centrifugal force = =, electric force of attraction = 77 
ms е et 
ande e Мыл ESL 
n F т! = т» (1) 


The energy of an electron moving in one such Bohr orbit can now be calculated 
remembering that the total energy is the sum of the kinetic energy T and the poten- 
tial energy У. Thus: 4 

T = + mv? and У is the energy due to electric attraction and is given by: 


teg 14 е? 
СЕ: PP 
p? 
Thus the total energy Е = pnt == ту" — тух 
2 
= _уте = 0 Мика) 


The energy can thus be calculated provided we know the value of r. If r is varied 
from zero to infinity all energies will be allowed. If this were the case the spectrum 
of hydrogen atom would have been a continuous spectrum instead of a line 
spectrum. i 

Now Bohr made a remarkable suggestion that the angular momentum of the 
system, equal to тог, can assume only certain definite values or quanta, The result 
follows immediately—instead of all possible r values only certain definite r values 
are permitted. Thus only certain, definite orbits are available to the revolving electron. 
According to Bohr’s theory the quantum unit of angular momentum is ћј2л 
(h being Planck's constant): 


Ed 
тиг = ny ...(4) 
where п сап have values 1, 2,3... œ. Thevis given by: 
= п 11 
Ут 
e aec mnt. ne 
Then т 7 89 = жетве 7 Aem iae 
m ni HEN. a D 
and prend „ао Where % = gamë ...(6) 


We thus have a solution for the radius of the permitted electron orbits in terms 
of the quantum number n. Takingm — 1,the radius of the first stationary orbit is: 


D IA 1 (6.627 x 107?" erg-sec)? 
= ama 7 1 АТО @.108 x 10-5 gm) (4.8 x 10-1 esu) 


0.529 х10- cm = 0.529 4^ = ay. ‚414° = 10-5 ст) 


r 


| 
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The radius of the second (п = 2) orbit will be За, that of the third (n = 3) will be 
9a, etc. The energy associated with the permitted orbits is given by: 


pe & c. 2вте. Есеј 
roy анат ee ue 


the energy being governed by the value of the quantum number л. 

As n increases the energy becomes less negative and hence the system becomes 
less stable. Also note that with increasing л, the radius, r, also increases. Thus 
increasing r also makes the orbit less stable. 

The explanation of the Rydberg equation is now simple. The most stable orbit 
must be the one with the lowest energy (ground state). Equation (7) shows that the 
lowest energy state is the one with л = 1. States with n > 1 are the higher energy 
excited states. Provided the right amount of energy is supplied the electron may 
jump from n = 1 to another higher level. Conversely energy will be released 
in the form of light of definite frequency when the excited electron returns to its 
ground state. Since energy and frequency of the emitted light are connected by 
Planck relation : “ 


E= hv 
it follows that La 


The energy corresponding to a particular line in the emission spectrum of hydrogen 
atom is the energy difference between an initial state / and a final state //, so that 


———. — 
Е = Еп— 
1) тате! rine! 
ngh mhe 
_ тате f 1 1 8) 
h? п} ng eet 


Then v corresponding to the energy £ is given by: 
„—__Б _ те: Duy 
ТОМ, Se Аад UR) S 


1 1 i 
Ri) ENT 
where.R is the Rydberg constant. 

This relation tells us that as we go to higher and still higher orbits the energy 
gap between two immediate orbits continues to decrease. 

Putting n = 1,n = 2,n = 3 etc in equation (7) we get the energies of the 
different stationary states for the hydrogen electron. The transition energies can 
all be calculated from the above relation (9). Fortunately the experimental spectra 
of hydrogen atom also exhibited several series of lines (Fig. 1.9). Transitions to 
the ground state (л = 1) from n = 2, n = 3, n = 4, etc excited states constitute the 
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Lymati series in the ultraviolet region. Transitions to the л = 2 level from the other 
excited levels (п > 2) constitute the Balmer series in the visible. Shifts of electrons 


lonisation Pojential-= 13.60 ev 


Quantum Numbers 


Erc. 1.9. Emission spectra of hydrogen atom. 


from excited levels to the n == 3 level give the Paschen series in the infrared. 
The energy corresponding to the transition from л = ce ton = 1 obviously gives 
the ionisation potential (Chapter 4) of the hydrogen atom: 

Ionisation potential of the hydrogen atom 


27те | 1 
НЕ И 1-0) 
= 2179 x 107! erg 
= 2479 x 1071! x 6,2419 х 10"ev 
= 13.60ev 
Note that —Eg = Ел=ђ = energy of the ground state. The energies of the 
excited states are : 
{огл = 2: —13.6/22 = —3.4ev 
n = 3; —13.6/3% = —1.51 е еіс, 
Using the value of 9.108 x 10-25 gm for the mass of the electron. the Bohr 
theory predicts the following value of the Rydberg constant: 
ате з 2(3.1416) (9.108 х 1079 gm) (4.8 x 10719 esu)! 
КОЗДОН (6.627. X 10737 егр-зес)“ 


= 3.2898 x 10:5 cycles/sec 
It is a common practice to evaluate К in terms of wave numbers v instead of in 
frequency. Wave number and frequency are connected: 


= PT 
== cv sothatv ues 


Me qe 
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where c is the velocity of light. Recall that frequency, v, indicates the number of 
waves passing a given point per second and is expressed as cycles per second. 
Wave number, ӯ, on the other hand stands Чог the number of waves contained in 


unit length i.e. per centimetre (cm-?). 


_ 3.2898 x 10 cycles/sec 


_ 32898 x 10'S cycles/see _ i 
on Rie üt ene (o D 


The experimental value for К is 109,677 cm~ showing a remarkable agreement 


between experiment and Bohr's theory. 
If we consider a general case of an electron moving.about a nucleus of charge 


4- Ze, equation (1) will take the form: 


‹ r FA 


Equation (5) will then reduce to: 


(Z6 = та = т hencer — ML 

FM = game WOE" antmZe: 
е5 Zeh4smZe _  2т2т22е* 
КУШТТ йй еа oo MS 


As Z increases (maintaining the same n) E becomes more negative and thus the 
system becomes more stable. Also note that m,remaining the same r decreases 


with increasing Z. г 
Equation (8) will now be of the following form: 


22 те“ ү 1 1 
E = Е-Е = E МЕ лг 


The reader can easily conclude that the Rydberg constant of helium atom (Z — 2) 
will be four times as large as that of the hydrogen atom (2 = 1). 
From the above relation it is possible to arrive at the results of Moseley. 
For given лу and nj; we can write: $ 
heey VE _ стте [1 liz 
ју = Е = Еп-Е = = (53 5,2 
тте [1 _ 1 z 


oo =z zz 
15 dm тп 


Ina multielectron atom of nuclear charge Z the outer electrons will feel a diminished 
force field Zesective (= Z —o) where o is the screening constant. 


М 2 A 
› = кте E al- 


For a given radiation лг and пп are constant. 
^. Му = constant (2—0) = а (2—о) 
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Bohr’s model indicated that certain, definite electronic levels are only per- 
mitied. These levels are called stationary states. The electron is not permitted to 
stay anywhere in between these permitted orbits. The situation may be likened 
to a man's climbing or descending a ladder. A ladder has a certain number of 
definite rungs which can serve as the man's foothold. The man has to have his 
foothold on one of these permitted rungs. He cannot stand in between these rungs. 
Thus a man’s movement along a ladder (or say a staircase) produces a quantized 
set of upward or downward jumps and thus can be likened to the line spectrum of 
the excited hydrogen atom. Quantitatively speaking the analogy is not a happy one. 
Whereas in ladders or along a staircase the gap between two consecutive steps is 
commonly the same, for electron orbits the energy difference between consecutive 
levels is different, and in fact gets smaller as the energy of the levels increases. 

Merits and Demerits of Bohr’s theory. Bohr's theory successfully explained 
the spectra of. simple one-electron hydrogenic systems like H, Не", Li**, etc. The 
theory predicted electronic transitions which were in close agreement with those 
obtained experimentally by Rydberg. The radius of the first Bohr orbit of the 
hydrogen electron was also in agreement with the most probable radius of the 
ground state predicted by Schrédinger’s wave model. However the theory failed 
in more complicated many-electron systems. It also failed to explain-the com- 
plicated spectra obtained in a magnetic field. Furthermore by preciscly stating 
the radius of the orbits the theory was in conflict with Heisenberg’s uncertainty 
principle which states that for extremely small subatomic particles it is not possible 
to be simultaneously precise about their position and momentum. 


1.2.3. The Quantum Numbers and Sommerfeld’s Modification of Bohr’s Model. 
Bohr introduced a principal quantum number л, on the value of which the energy 
of transition of the electron from one circular orbit to another depended. AS 
the value of n increases so does r. The principal quantum number describes the 
size of the orbits. With the advent of sensitive spectrometers it was observed that 
what was originally considered to be a single line in the hydrogen spectrum was 
really composed of several closely spaced lines. This meant that there must be 
several close energy levels rather than a single level for each quantum number 7. 
The failure of the Bohr model for line spectra of multielectron atoms led Sommer- 
feld to consider that besides circular orbits there may be possible also elliptical 
orbits. To describe elliptical orbits more than one quantum number appeared 
necessary. 
For circular orbits the radius r remains the same while the electron completes 
a rotation (0° to 360°) about the nucleus. For an elliptical orbit, however, the 
radius r varies. Thus for circular motion only the angle of revolution varies but 
for elliptical motion both the angle and the radius vary. Sommerfeld, therefore, 
introduced a second quantum number k which could have values from 1 up to л. 
Sommerfeld brought in а more general postulate that for the stationary sta) 26 S 
the so-called action integral $ р; dqi over one period of motion has to be an integral 
multiple of h: 
ект WB LIBRARY $ «да = mh 
«сек |. il л а Р 


АЕ 
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where n; is a whole number, p; any generalised momentum which depends on the 
corresponding coordinate q;. When dq; is equal to d$ (Ф being the angle of rotation) 
рн is equal to pg, the angular momentum of the system. Classical mechanics tells 
us that the angular momentum of an isolated system is a constant. So we can write: 


2т 
Фр, Ф = „| dé = 2трь = nh 
° 


so that ps = 1, = ie. as with Bohr postulate the angular momen- 


tum is an integral multiple of 4/27, But for an elliptical orbit r is not a constant 
and hence we have a further condition: 
$prdr = ny h 


where p, is the linear momentum in the direction of г. ny is the radial quantum 
number and ng is called the azimuthal quantum number К. Sommerfeld demons- 
trated that the energy of the electron depends on the principal quantum number 
n which was defined as: л = k + т. While n stood for the major axis of the 
elliptical orbit stood for the minor axis. It follows that when k = n the orbit. 
becomes circular. This new quantum number k has since been replaced by / 
called the azimuthal quantum number such that / can have integral values from 0 
to (n— 1). Thus / is (&—1). The angular momentum of the electron due to its orbital 
motion is given by: 


mor = УК DA 


Since / is responsible for the ellipticity of the orbits, / values describe the shape 
of the electron orbits. 

Electrons with / = 0, 1, 2, 3 are called s, 
р, d and f electrons and the corresponding 
levels are called s, p, 4 and f sublevels or 
subshells. When / = 0 angular momentum is 
Zero. These are s electrons with the most 
eccentric elliptical orbits (Fig. 1.10). s elec- 
trons are closest to the nucleus, are held more 
firmly and are of lower energy than electrons 

Y with higher / values. When /=п—1 the 
HO: k a r даш ^ orbits become circular. Therefore orbits with 
1, 2d, A). — increasing values of l are also orbits of increas- 

ing energy. 

Zeeman had noticed that line spectra became more complicated on applica- 
tion of a magnetic field. This could be explained by further elaborating the 
azimuthal quantum number. It was necessary to postulate that the angular momen- 
tum of the electron in the direction of the magnetic field was given by m, А/27 
Where m is an additional quantum number designated as magnetic quantum number. 
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Since the line spectra were split further in a magnetic field it was concluded that 
the magnetic quantum number can assume only certain permitted values. These 
are given by 


m —-L-».- .0... —(I-1). +1 
a total of 2/ + 1 values. If the orbital angular momentum is represented by a vector 
1 (where L= VKI + D A Í being the azimuthal quantum number), then the 


vector can assume 2/ + 1 orientations in а magnetic field (Fig. 1.11). The com- 
ponents of Г in different orientations along the direction of the applied magnetic 
field represents the different ту values. For 1 = 2 we have five different orientations 
possible for the orbit in a magnetic field since т can have values 2:2, 271,0, 7-1 
and —2. These five orientations of the orbit are shown in Fig. 1.11. The direction 
of the vecto is the direction to which the forefinger points while the thumb des- 
cribes a progressing right handed screw motion, the motion being that of the 
moving body. Note when the plane of rotation of the electron is perpendicular 
to the field direction, the length of the component of the vector Г along the field 
direction is equal to 1. Thus m; values indicate the tilts of the orbits with respect 
to the field direction. Positive т; values indicate components of 7 along the field 
direction and negative values stand for components opposite to the field direction. 


AN(HDNE 


T: 


Fra. 1.11. Tilts of orbital planes and magnetic quantum numbers. 


Besides the three quantum numbers л, 1 and m a fourth quantum number, 
namely spin quantum number, was necessary to completely describe an electron 
in a particular shell. The electron itself can be regarded as а small magnet. A 
beam of hydrogen atoms can be split into two beams by a strong magnetic field. 
This indicates that there are two kinds of hydrogen atoms which can be differentia- 
ted on the basis of their behaviour in a magnetic field. It has been postulated that 
each electron spins around its own axis like a top and thereby behaves like a small 
magnet. A spinning electron can have only two possibilities. The electron can 
either spin clockwise ot counterclockwise (Fig. 1.12). The two directions of spin 
are represented by arrows pointing either up or down (1 or | )- This fourth, 
quantum number, 5, 15 independent of the other thrce quantum numbers п, Гог т. 
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“°з” can have two possible values + 1 or —} depending on the direction of rotation 
of the electron about its axis. This spin angular momentum is given by: 


М5(5 + 1)Л/2т 


є 


Его, 1.12. Two directions of spin of an electron 


With these four quantum numbers it is possible to proceed with the building 
up of the electronic structure in multielectron systems. But we will defer that 
till we describe the currently followed probability model of the electron. 


1.2.4. Duality of Matter, Uncerfainty Principle and the Failure of Bohr Model. 
The inadequacy of Bohr's theory was revealed by finer experimental details of 
multielectron system and the theory was in contradiction to Heisenberg's un- 
certainty principle. Soon de Broglie, Heisenberg and Schródinger made lasting 
contributions in this area and Bohr's theory based on the particle nature of the 
electron was replaced by a wave model. 

Thomson's studies had revealed the particle nature of the electron, namely 
- that it has a mass, energy and a momentum. de Broglie pointed out that just as 
light has both particle and wave nature, so also is the case with electrons. He sugges- 
ted that electrons travel in waves, analogous to light waves. His idea could be fitted 
to derive the same relation that Bohr arrived at from his particle treatment of 
the electron. 

The mass of a photon, the smallest light quanta, is given by the famous mass- 
energy equivalence equation of Einstein: 


ЈЕ = me 
Recalling that E = ћу wehavem = к ... (10) 
The momentum p of a photon is p = то = mc so that р = E tss (11) 


Since frequency v, wave length Х and velocity v of the photon are connected as: 


Pu a SM 
dep Mei yr 
i с h $ 
we have from (11) AT CES у 1991693) 


Our combining the Eiitstein equation and the Planck equation is a recognition 
of the dual nature of light. 


The above equation (12) gives the wave length of the light waves and also of 
electron waves, provided electrons can be considered to generate waves. This 
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relation states that there must be a wave associated with the particle. In order to 
connect this with the Bohr's model, there must be an integral number of wave 
length that would just fit into the circular orbits of Bohr. Such integral number 
of wave lengths would generate a standing wave instead of а stationary Bohr 
orbit (Fig. 1.13). A standing wave produces a 
stationary pattern, its profile being fixed within 
the space allowed to it. It does not travel beyond 
the allowed space. Then we have: 
ПА = 2лг 

where A is the wave length of the standing 
wave, n is an integer and r the radius of the 
Bohr orbit. Substituting for A from (12) we get 


„(3 = 2arorn (2) = гр = то" 


= angular momentum 09) Fic. 1.13. A standing wave 
Thus de Broglie waves can be used to explain with n ='5 v 
the Bohr model. 

Within a few years of de Broglie suggestion, Davisson and Germer tested 
de Broglie's predictions by diffracting electrons by crystals, the diffraction being 
similar to the diffraction of X-rays. They thus established that a beam of electrons 
did really possess wave properties and that the wavelength to be associated with 
electrons of known p (= mv) value was exactly that predicted by the de Broglie 
equation: 


h 
у p 

de Broglie relationship is applicable to all particles but for heavy particles 
the wave length is too small to be observed experimentally. 

The dual nature of the electron led Heisenberg to propose his uncertainty 
principle. The principle states that it is impossible to know accurately both of 
the two important factors which determine the movement of an electron—its 
position and velocity (or momentum). Detection of a particle as tiny as the elec- 
tron requires very low wave length (high energy) radiation. The electron being 
very small, collision with a high energy photon changes the momentum of the 
electron. Therefore, even if we could accurately measure the position of the elec- 
tron we could not simultaneously meastre its momentum as precisely because the 

probing photon would invariably change its momen- 
tum. This change in momentum is due to what is 
DS known as Compton effect. Compton has shown that 


SKA when X-rays, which consist of waves of energy hy, 


X LT ue fall on carbon the scattered radiation contains some 
>> rays of longer wave length. Alongwith the scattering, 
the electron also suffers а simultaneous recoil. 


The scattering, in fact, results from an interaction 
Fig. 1.14. Compton effect of the X-rays with the electrons of the carbon 


e 


А = 
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atom. Compton. could explain mathematically the' increase in the wave length of 
the scattered X-rays as also for the recoil of the electron by treating the collisions 
as though these had originated from two rigid spheres. If Ap and Ag are the 
uncertainties in the measurement of p (momentum) and q (position) of the electron 
then the product Др. Aq will be of the order of Л, the Planck's constant. This 
can be seen from the following considerations: 

Consider an electron wave moving 
with a momentum p passing through a 
slit of width Aq and hitting a screen. The 
passage of the electron through the slit is 
totally uncertain. 

Let us assume that the electron 
moves out of the slit at an angle а with 
its original direction and hits the screen 
at some point А (Fig 1.15) above its 
original direction. In the process it gains 
an additional momentum in the vertical 
direction i.e. Ap — p sin а. Angle а, 
according to diffraction theory, is given by А/ Да. Then Ap = psina = psin 
УМ Дар M Aq. But p = h/Asothat Ap = h/ Да i.e. Ap. Aqceh. 

Thus the uncertainty principle tells us that it is not possible to think of the 
electron moving around a nucleus from one point to another with a fixed velocity 
at each point. We are; therefore, to consider the electron as having a definite pro- : 
bability of being discovered at each point in space. The uncertainty principle 
also leads us to the conclusion that experiments will not allow us to decide exactly 
whether the electron is a particle or a wave. We liave to regard the electron both 
аз a particle and as a wave. For some purposes we may consider the electron as 
a particle and for some other purposes it has to be considered as a wave. Particle 
nature and wave nature of the electron are, therefore, complementary to each other. 

Tt may be recalled that the radius of the first stationary orbit іп Bohr’s model 
of the hydrogen atom is 0.529 À. The electron in the ground state rotates about 
the nucleus at a distance of precisely 0.529 À at all times. Bohr's theory thus shows 
that we know precisely both the energy (also velocity) and the position (radius) 
of the electron. According to Heisenberg such precise informations cannot be 
available for so small a particle as the electron. The conflict can be removed only 
if we have a model that will tell us precisely about the energy of the electron but 
will leave an uncertainty about its position. 


FiG. 1.15. Diffraction of electron wave at a 
slit (uncertainty principle) 


1.2.5. The Wave Model of the Electron. The need of the hour was to develop 
an atomic model which will explain the stationary eleciton energy states (the line 
spectra) and at the same time will not violate the uncertainty principle. Schré- 
dinger set up an equation that treated the electron as a wave, and that yielded 
solutions only for certain energy values of the electron. Thus certain stationary 
energy states were recognised. This equation also allowed. calculation of the 
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probability of discove: ing the electron at a particular time at à particular point. 
Thus whereas Bohr's theory of the hydrogen atom says that 0.529 A is the radius 
of the ground state electron orbit, Schrédinger’s model predicts that 0.529 A 
is the most probable distance from the nucleus where the electron in the ground 
state may be found. The model further says that the electron may be found at 
distances both shorter and longer than 0.529 A although the probability is less 
than at 0.529 A. 

A somewhat elaborate discussion on Schrédinger’s equation appears in 
Appendix. In this chapter we continue the discussion in a non-mathematical 
way. Since an electron has a wave character, it is described by a wave amplitude 
commonly called wave fi unction¥. The wave function can assume positive, negative 
or imaginary values but ¥* will always be positive and real. The square of the 
value ol at any point gives the probability density of the electron at that point. 
Instead of considering only a point if we take a volume element, then probability 
of finding an electron in that volume element in space is the square of the value 
of 4, multiplied by that volume element of space. For conceptual aid the point 
is elaborated further. у в j 

With light waves the intensity is proportional t { у 
to the square of amplitude V^, that is to V2, Then A 
Y^? is proportional to the number of photons reach- 
ing per unit volume containing a particular point 
per unit time. In Fig 1.16 the height А multiplied 
by R is proportional to the frequency of photon 
arrival in the region R. А more reasonable inter- v^ 
pretation is that 4 represents. the probability of . 
finding a photon at this point. It can be guessed Fra, 1.16. A probability 
that this probability will be higher the larger the interpretation. 
area R is. Thus the probability is¥ multiplied by 
R. When we consider three dimensions Rwillrepresent the volume element as stated 
above. Note that P? alone will represent the probability per unit volume or the 
probability density. ` 

According to Schrödinger, the position of an electron cannot be exactly 
specified. We can only talk of its probability of being found at a time at a point. 
This probability is expressed in the form of an orbital instead of an orbit. Ап 
orbital is a region in space where there is a high probability of finding an electron. 


1.2.6. Orbitals and the Quantum Numbers. À wave function V representing 
an electron is the product of two parts: a radial part and an angular part. The 
square of the radial part of the wave function indicates (ће probability of finding 
the electron at any distance г from the nucleus. The square of the angular part 
of the wave function gives the probability of finding an electron in a particular 
direction from the nucleus. The radial dependence and the angular dependence 
of the wave function taken together tell us that a three dimensional standing 
electron wave (orbital) can be pictured to have a size, a shape and an orientation. 


f 
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In order to describe the size, shape and orientation of an orbital three quantum 
numbers аге necessary. These quantum numbers are designated by п, the principal 
quantum number, 1 the orbital angular momentum quantum number (or azimuthal 
quantum number) and m; the magnetic quantum number. Yn what follows there will 
be some repititions of our earlier discussion on the quantum numbers on Bohr- 
Sommerfeld models but we will deliberately proceed with the repitition. 

The principal quantum number л is of primary importance in determining 
the size and hence the energy of the electron. For the hydrogen atom we have 
already seen that the energy is fixed by the value of л. In other multielectron 
atoms, the energy of each electron is dependent mostly (though not entirely) on 
the value of the principal quantum number of the electron. As the value of n 
increases the radius (nucleus—electron separation) increases, that.is, the size of 
the orbital increases. The energy also is raised. л is always integral and can assume 
the values 1, 2, 3,4,... оо but not zero. 

The general geometric shape of the electron wave (orbital) is described by the 
second quantum number /. This quantum number is related to n for the electron 
in that state thus: 

1 = 0, 1,2...(п—1) 


Therefore an electron with а princípal quantum number л can assume 0 to (п— 1), 
that is, л different / values. So when п = 1, only / = 0 is possible and hence only 
one orbital shape is permitted. With n — 2, / can have two values 0 and 1 and 
hence orbitals of two different shapes will be permitted and so on. These shapes 
are expressed by different symbols s (/ = 0), p(l = 1), 4(1 = 2) and f (I = 3) etc: 


Principal Quantum Orbital angular momentum 
Number (n) quantum number (/) 
1 Is 
2 2s, 2p 
3 35, 3p, 3d 
4 4s, 4p, 4d, 4f 


The third quantum number m; is associated with the orientation of the electron 
wave with respect to a given direction, usually that of a strong magnetic field. 
This quantum number has no effect on the shape of the orbital or on the energy 
of the electron. For a given value of /, m; can have any integral value between 
+ land —1, so that 

m = +11—1,1–2,...0... 21, 2... —L. 
With / = 1, ту сап assume values + 1, 0 and —1 so that a p wave can have three 
orientations. These three orientations are expressed by subscripts added to p as 
pz, Ру and pz. Since an s wave has / = 0, its m; = 0 which means that ап s type 
orbital has just one orientation in space. A d-type electron wave with / — 2 can 
have five т; values + 2, 4-1, 0, — 1 and —2 so that there are five different orienta- 
tions in space. These are represented by the following notations: 
. dry, йш, dyz d;*—y? and а» 
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The significance of these symbols will be evident when we take up the shapes of 


the orbitals. 
The fourth quantum number, spin quantum number, has already been discussed. 


1.2.7. The Shapes of Orbitals. The probability of finding an electron in space 
around the nucleus involves two aspects: radial probability and angular probabi- 
lity, lt is not possible to represent completely in one diagram on paper the direc- 
tional properties of electron orbitals. Two separate representations (1) a radial 
probability distribution and (2) an angular probability distribution must be com- 
bined mentally to have an overall shape of the orbitals. 

The wave equation is written in terms of spherical polar coordinates r, о and + 
which are coordinates related to the Cartesian coordinates x, y and z (see Appen- 
dix 1). Then the wave function ¥ can be written as: 

P = Ко буф 
Thus ¥ has a radial part R(r), a function only of r and an angular part 6) Фе 
a function of angles 8 and Ф. 

Let us consider the space around the nucleus to be made up of a large number 
of thin concentric shells, of thickness Ar, at a distance ғ from the nucleus. Then 
the volume of such spherical shell is 4r? Ar and the probabilily of finding the 
electron within such shell is Ат? МУРАТ = radial part of the wave function). 
A plot of 4тг?\Р# against r indicates the probability of finding the electron in a 


Function 


Distribstion 


Radial Probability 


4 04 08. BA) 


Ги. 1.17. Tae radial probability distribution functions for 
15. 25, 35, 2p, 3p. and 3d orbitals. 


spherical sheil of thickness Ar at a distance ғ fromthe nucleus. 4ar?¥* is called 
the radial probability density function or radial probabiliiy distribution function. 
2 


Fig. 11.7 gives the radial robability density plots for 1s. 2s. 2p. 3p and 34 
Р g p 
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type orbitals. Several points emerge from these plots. (1) The probability distri- 
bution is zero at the origin, the nucleus. (2) The distributions vary according to 
the principal quantum number, so that the larger the value of л is, the farther out 
the electron is likely to be from the nucleus. (3) The maximum for 15 radial distri- 
bution occurs at 0.529 A in agreement with Bohr’s calculation for circular orbit 
with the electron in the ground state. (4) For 2s and 3s orbitals there are two, and 
three maxima in the plots. For the 2s orbital the maximum probability occurs 
at 2.6 A, although there is another small but definite maximum at 0,529 Aas well. 
For the 3s orbital the maximum occurs at 6.9 A with two other small but definite 
maxima at 2.6 A and 0.529 A. 

The angular probability distributions are of greater interest and importance. 
An s electron has no angular dependence because the relevant wave function is 


2 


Fig, 1.18. The angular ргођа- 


bility distribution of an 
s orbital. 


independent of the angies 9 and ф. Thereis, therefore, 
an equal chance of discovering the electron in any 
direction from the nucleus. A graphical representation 
of this dependence is shown in Fig. 1.18. With the 
nucleus at the origin of the Cartesian axes, the sphere 
of radius r represents the probability of finding the s 
electron. An s electron has a spherically symmetrical 
probability distribution. 

As for p orbitals it has earlier been shown that 
there are three possible orientations pz, p, and pz. 
The orientations of the, orbital plane corresponding 
tom = + 1,0, —1 (Fig. 1.11) are mutually at right 


angles. So the orbitals designated pz, py and pz are mutually perpendicular and 
they are concentratcd along the respective coordinate axes x, y and z. Unlike 
the s orbitals the angular part of the p wave functions is dependent on @ and 4. 


Ета. 1.19. Angular probability distribution of p orbitals. у 


(sign of the wave function shown) 


The angular probability distributions are shaped like pears along the x, y and z 
axes as shown in Fig. 1.19. Thus in the pz orbital it is most likely that the elec- 


tron will be found in the direction of the x-axis. There is no probability of its 


being found along y and z axes. Similar results are obtained for the py and the 


рг orbitals.. The pictorial representations are but two dimensional on paper. In 
reality the shapes are three dimensional and the real shapes are obtained on rotating 
the two-dimensional representation about the appropriate axis. 


ле 
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The angular probability distributions of the d orbitals are shown in Fig. 1.20. 
In dzy, dzz, dyz the lobes are concentrated in between the appropriate coordinate 


“2 


FiG. 1.20. The angular probability distribution of d orbitals. 
(sign of the wave function shown) 


axes. In dzs..2 (ће lobes lie along the x and y coordinate axes, and in dz» there 


are two lobes along z axis with a ring in the xy plane all around the nucleus, 

In order to have a total picture of the probability of finding an electron in 
any orbital the radial probability distribution and the angular probability distri- 
bution must be combined. It should be noted that in two dimensions on paper it 
is impossible to draw the composite probability distribution. It becomes convenient, 
however, to think of the drawings as shapes of orbitals. Conventionally the drawing 
for each orbital encloses about 90% of the probability of finding the electron 
around the nucleus. It should be-remembered that there is still one chance in ten 
that the electron will be located outside these orbital drawings. 

It should be pointed out that for a p orbital there are two lobes along a parti- 
cular axis on either side of the nucleus. The angular part of the wave function 
We) has a ‘+’ sign on one lobe and a '—' sign on the opposite lobe, although 
ул ову will be positive on either side. These signs are often added on the lobes. 
For the dry, dzz, dyz and dz2_y2 orbitals ‘+ and ‘—’ signs occur on alternate 
lobes. For the dz? orbital, the two lobes on 2 axis carry ‘+’ sign and the ring in the 
xy plane a ‘—’ sign. These signs are very important in symmetry considerations. 


1.2.8. Orbital Energy Ordering ín Multielectron Atoms. Exact solutions of the 
Schrödinger wave equation for atoms with two or more eléctrons have not been 
possible. The orbitals of a multielectron atom are not likely to be quite the same 
as the hydrogen atom orbitals. For practical purposes, however, the number of 
orbitals and their shapes in multielectron cases may be taken to be the same as 
for the hydrogen orbitals. In multielectron atoms experimental studies of spectra 
show that orbitals with the same value of л but different / values have different - 


7 
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energies. The 3s orbital is of lower energy than the 3p orbitals which again are 
of lower energy than the 3d orbitals. However orbitals belonging to a particular 
type (р or d or f) will be of equal energy (degenerate) in an atom or an ion. For 
example the three p orbitals or the five d orbitals originating from the same л 
will be degenerate. We will see in Chapter 10 that the degeneracy of the five 3d 
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Ела, 1,21, Orbital energy diagram for multielectron atom. 


orbitals may be removed in a coordination complex providing new features to 
spectra. The separation of the orbitals of a major energy level (a particular л) 
into sublevels is primarily dueto the interactions among the many electrons. 
This interaction leads to the following relative order of the energies of each type 
of orbital: (Fig. 1.21). 15 < 2s < 2p < 3s < 3p < 4s < 3d < 4p < 5s < 4d 
« Sp « 6s « 47< Sd < 6р < 7s < Sf.. 

The close proximity of the 4s and 3d orbitals (and 55/44; 6s/5d etc.) рго- 
vides interesting properties in ge multielection atoms where the d orbitals are 
partially occupied. 

Admittedly it is often difficult for the students to remember the orbital energy 
diagram as shown in Fig. 1.21. A trivial but distinctly more convenient way is 
to make use of Fig. 1.22. The different orbitals originating from the same principal 
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quantum number л are written in separate horizontal lines. Now inclined parallel 


lines are drawn through the orbitals as shown in Fig. 


orbitals by electrons will follow these parallel 
lines. Thus the first two parallel inclined lines 
cover 1s and 2s orbitals so that electrons will 
lirst go to 15 and then to 2s orbitals. Thereaiier 
will come 2p and 3s being followed by 3p and 4s 
but not 3d. Filling of 34 will start only after 4s. 
Similarly 5s orbital will be occupied before 44. 
Remember, however, that the orbitals on any 
horizontal line are not of the same cnergy. 


1.2.9. Multielectron Atoms; the Aufbau ог 
Building up Principle. The question that arises 
now is how many electrons can be accommo- 
dated per orbital. The answer to this follows 
from Pauli's exclusion principle: по two elec- 
trons in an atom сап have the same four quamum 
numbers. 'This principle tells us that in each. orbi- 
tala maximum of two electrons can be allowed. 
The two electrons will have the same three 
quantum numbers namely (he same л, same / 
and the same m; Any conflict with Pauli prin- 
ciple can now be avoided if one of the electrons 
has the spin quantum number s = | $ and the 
other s = — 1. у 


1.22. Filling up of the different 


кш. 1.22 
Orbital occupancy order 


An alternative statement of the Pauli exclusion principle is: no тоге than two 
electrons can be placed in one and the sane orbital. When two electrons with opposite 
spins exist in an orbital, the electrons are said to be paired. Remembering the 
two-electrons-per-orbital maximum accommodation rule and recalling the number 
of orbitals for diferent n values, the following Table 1.1. can be drawn to give 
the maximum number of clectrons admissible to different levels. The total number 


of electrons for a particular » is given by 277. 


Table 1.1. Capacities of Electronic Levels 


Principal Quantum Number of elcctrons in sublevels with Total Number of 


Number, п 1-0 1 2 3 
1 2 
2 2 6 
3 2 6 10 
4 2 6 10 14 
5 2 


6 10 14 


4 electrons == 25? 
2 
8 
18 
32 
18 50. 
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Note that an s type orbital (J = 0) can accommodate 2 electrons, three p (! = 1) 
type orbitals a total of б, and the five d (J = 2) type orbitals a total of 10 electrons 
and soon. Also note that the s, p, d, f. etc. orbital sets are usually called sublevels 
or subshells. The group of subshells (sublevels) constituting a particular л is called 
a shell or a level. 

To determine the electronic configuration of elements the procedure is to 
feed electrons in different orbitals obeying certain rules, The auf bau or building 
up principle is based on the following rules: à 


1. Electrons are fed into orbitals in order of increasing energy (increasing n) 
until all the electrons have been accommodated. 


2. Electrons will tend to maintain maximum spin. So long as vacant orbitals 
of similar energy are available for occupation electrons will prefer to remain 
unpaired. In other words electrons tend to avoid the same orbital, that is, hate to 
share space. This rule is known as Hund's rule of maximum spin multiplicity 
(see Chapter 11). 


3. Spin pairing can occur only when vacant orbitals of similar energy are not 
available for occupation, and when the next available vacant orbital is of a higher 
energy. 

Hydrogen (atomic number 1) has its only electron in the 1s orbital and this 
electronic configuration is represented as: 


2 | 


The bar indicates the orbital and the arrow 1 a single spinning electron in the 
orbital. In helium (at, no. 2) the second electron has to occupy the 15 orbital since 
the next available 2s orbital is of much higher energy. Obcying Pauli principle the 


the configuration 15° is represented as: 


ze 


Lithium (at. no. 3) has the configuration. 15? 251, beryllium 1s? 25° and boron 
15% 25° 2p*. After boron comes carbon and the next electron can remain unpaired 
in another p orbital of similar energy so that we write the configuration 15? 2522p* 
of carbon as: 


Continuing in this way we develop Table 1.2. for elements from hydrogen to neon. 
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Table 1.2. Electronic Configurations of Elements H to Ne 


Element Atomic Number Electronic Configuration Pictorial representation 


H 1 1s! i 
5 
He ' 2 152 i 
15 
1 [2 - 1 | 1 
Li 3 Is? 25! ipd ОЗ 
129 11: 
Ве 4 152 25 15 | 5s 
w 1 | t 
B 5 153 25° 2p! isl os [2р 
i ЖОР tt 
С 6 152 25? 2p? is | 2s | 2p 2p 
^ | 1 | ЖҮН 
N 7 15% 25? 2р? 1s | 2s | 2p 2p 2p 
а 252 АТ 
о 8 153 25° 2p* 1 | 25 | др 3p 2p 
2 ЛТ 
Е 9 159.258 2p d 2; | 2p 2p 2p 
1л 
Ne 10 158 252 2p* t| | 5 L3 


After neon the next available orbital is 3s being followed by 3p. The orbitals 
are then progressively filled by electrons. The elements concerned are sodium (11), 
magnesium (12), aluminium (13), silicon (14), phosphorus (15), sulphur (16), 
chlorine (17) and argon (18). Then the 4s orbital, being of lower energy than the 3d, 
is filled. The elements involved are potassium (19) and calcium (20): 
K : 1s?2s22p*3s23p"4s1 and Ca : 15325?2p5352 3p94s? 

In scandium (21) the twenty first electron goes to a 34 orbital, the next available 
orbital of higher energy. There are five 3d orbitals with a capacity of ten electrons 
From scandium to zinc these 4 orbitals are being filled up. Presence of partially 
filled d orbitals generates some very special properties. Elements with partly filled 
d (or f) orbitals in elementary state or in ionic states are called transition elements. 
Table 1.3 summarises the electronic configurations of the elements scandium to 
zinc. The configurations in Table 1.3 are given on the basis of the auf bau principle. 
In reality experimental studies on copper and chromium reveal that their electronic 
configurations are better represented as: 

Cr (24) 15325 2p® 35° 3p* 451 345 

Cu (29) 15325? 2p* 35° 3p* 4s! 3410 
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This reordering of electrons is due to an extra stability associated with a half 
filled or a filled subshell. Strict adherence to the above definition of transition 
elements will exclude zinc from the list. An elaborate discussion on these elements 
is reserved for Part Ц. 


Table 1.3. Electronic Configurations uf the First Series of Transition Elements 


Element Atomic Electronic Pictorial 
Number Configuration representation 

Scandium 20 1528259 3y2 зрә дуз 3d! [ar] | i | i uuum 
Titanium 25 пезидезидеаазе [ Ar] | i 5 luu 
Vanadium 23 15* 25° 2p* 35% 3p* 452 Заз [^] | 1 | 15 i 3j 3d 3d 
Chromium 24 — 1532s 2р0 352 зро 4e 3d! [^] i i tite 
Manganese 25 15° 25% 2p* 35* 3p* 45° 345 [^] | i l4 L 4 1 TR i 
Iron 26 15? 258 2р6 35° 3p$ 452 345 [5] 1 £ i ue i i 
Cobalt 27 152 252 2p* 3s? 3р5 4s? 3d? [ar] | i %, i + i 3 
Nickel 2 188258 2pt 3583p ase 3a [ar] |B] iii 
Copper 29 15° 25° 2p* 35? 3p* 452 3d? [ar] | i | 4 i 4 i i 
Zinc 30. Us 2H Apt ast apt ast aa [un] | АЛЕ 


We began this chapter with a Rutherford comment. We also wish to conclude 
this chapter with some observations on Rutherford. Rutherford indeed did enough 
and left enough for the posterity. Our presentday understanding of the atomic 
structure had originated from the nuclear atom model of Rutherford. Much of our 
knowledge of the newer alchemy— artificial transmutation of elements— also came 
from Rutherford's brilliant experiments (Chapter 12). He began his research career 
under Thomson at Cambridge and later worked and taught at McGill Univer- 
sity and then at Manchester and Cambridge. A man of prolific energy, he was 
awarded the Nobel Prize in 1908. What а remarkable feat he achieved in nursing 
and training a band of brilliant experimentalists and theoreticians of this century! 
Notable among them are Moseley, Soddy, Chadwick, Geiger and Bohr. All 
England loved and respected this man for his extraordinary contributions to 
human understanding. That England held Rutherford in the highest esteem 
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was shown on his death (1937). He was laid to rest in Westminster Abbey along- 
side the all-time great Isaac Newton. 


STUDY QUESTIONS 


1. Describe the contributions of Rutherford, Thomson and Bohr towards the elucidation 


of atomic structure. 

2, In the line spectrum of hydrogen atom, the lines become closer and closer as the frequency 
is inereased. Comment. 

3. What arc the maximum electron capacities in За, Ар, 4f and 5g orbitals? 

4, How are the atomic number and atomic weight related to the number of protons and 
neutrons in the nucleus and the number of electrons outside the nucleus? 

5, Describe the orbitals and spins of the electrons in the ground state of the fluorine atom. 

6. Distinguish between an orbit and an orbital. Show that oxygen cannot have d-orbitals. 

7. Гог a general case of an electron moving in an orbit around a nucleus of charge Ze show 

2, 254 
tht E = — m Taking the ionisation potential of hydrogen as 13.6 ev calculate the 
ionisation potentials of the ions Не", Li** and Ве?*, 

8. A newspaper reports the discovery of an element of atomic weight between those of oxygen 
and fluorine but with chemical properties different from either oxygen or fluorine, Can you believe 
the report? 5 

9, Write the electronic configurations for the following species and indicate which ones arc 
isoelectronic: 

S?-, Cd**, Ne, Ст", К+ and Al** 


10. Plot a graph of the square roots of the ionisation potentials (in parentheses) versus nuclear 
charge for the series: 

Li (5.39 ev), Be* (18.2), B**(37.9), C**(64,5). N'*(97.86). Explain the observed relation 
and check with Chapter 4, Fig. 4.2. 

11. In what respect the spectrum of He* will differ from that of H atom? 

12. What are the charges (in Coulombs) associated with N?-, H7, Cl- and H+ ions? 

13. Write explanatory notes on (a) Compton effect and (5) Uncertainty Principle. 

14. Present а non-mathematical and qualitative picture of the shapes of s, p and d orbitals. 
Which of these orbitals is the most penetrating in character? 

15. Explain Pauli exclusion principle, Hund's rules and aufbau principle. Utilise these prin- 
ciples and rules in predicting the ground state electron distributions of the elements sodium to 
argon. 

16. Derive a relation giving the energy of an electron moving around a proton. What is 
Rydberg constant? Given the Rydberg constant derive expression (or value) of the ionisation 
potential of hydrogen atom. 

17. Cite some experimental evidence in favour of the existence of (a) atomic nucleus (5) extra- 
nuclcar electrons and (c) isotopes. 

18. Do you agree that the ground states of carbon and nitrogen atoms аге as shown below? 


Rl Ni 
Је ан T —2p'* 2p 
nuc Ep ber ttl} 

niti = = == — 

| E cise ар rap! Sp 

19, Explain which one of each of the following pairs is more fundamental so far as chemical 
properties of elements are concerned: 

(a) atomic number and atomic weight 

(b) protons and neutrons, 


carbon 
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20. “Мо more than two electrons can be placed in one and the same orbital." Is this a correct 
statement of Pauli exclusion principle? 
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The Periodic Classification 
of the Elements 


2.1. MENDELEEV'S CLASSIFICATION 


Periodic classification of elements is a testimony to man's eternal quest of 
discovering order in nature. Today we know a good deal about the electronic 
structure of atoms. But in 1869 the situation was far from satisfactory. Even 
in 1869, handicapped by very limited informations, chemists set themselves the 
task of finding. out if any regularity existed among the elements and their com- 
pounds. The informations available to them were restricted only to the atomic 
weights of the elements, density of the elements, atomic volume, melting point, 
boiling point and a few chemical compounds of each of the elements. Working 
systematically on these available informations, Mendeleev in 1869 noted that the 
properties of elements varied regularly with the atomic weights of the elements. 
Mendeleev enunciated a periodic law in the following form: 

The properties of chemical elements and their compounds are periodic func- 
tions of the atomic weights of the elements. 

This statement provided a new key to our understanding of the elements. 
Mendeleev arranged the-then known elements in horizontal rows and vertical 
columns such that elements of comparable properties became members of the 
same column. This arrangement of the elements in rows and columns is called the 
Periodic Table. The horizontal rows are called periods and the vertical columns 
called groups. Mendeleev's remarkable understanding of the problem was revealed 
in his leaving some vacancies in the Periodic Table for yet undiscovered elements 
and in his being able to predict the properties of these undiscovered elements. 
Gallium, scandium and germanium, for instance, were among the elements predict- 
ed by Mendeleev, and these were indeed discovered in later years. The agreement 
between the predicted properties and the actual properties of these elements was 
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astounding. The concept of periodicity of the properties of the elements and their 
compounds had, thus, a fine start. 

Lothar Meyer, a contemporary of Mendeleev, also sought to establish a 
relation between the properties of chemical elements and their compounds, and 
atomic weights. He showed that atomic volumes of solid elements (volume in 
millilitres occupied by one mole of atoms of an element in solid form = gram 
atomic weight/density) were periodic functions of atomic weights. Readily fusible 
elements like the alkalies occurred on the maxima and on the ascending part of the 
plot of atomic volume against atomic weight. Unfortunately Lothar Meyer's 
work did not go a long way to establish a useful classification of elements. 


2.2. MODIFICATION OF MENDELEEV'S TABLE 


Mendeleev's statement of the periodic law needed to be changed in view of 
Moseley’s researches. It may be recalled (Chapter 1) that Moseley studied the 
effect of cathode rays on different metal (or suitable compound) targets and deter- 
mined the wave length of the characteristic X-rays that emanated from the target. 
He further showed that square root of the frequency of the shortest wave length 
(highest frequency) radiations of the X-rays from metal targets when plotted 
against the atomic weight of the respective metal provided a straight line bur a 
Sew elements were off the line, A fine straight line plot was obtained when the 
square root of the frequencies of the characteristic X-rays were plotted against 
order numbers of the elements. This time there were no stray points. The order 
number has since been correlated with the atomic number of the elements. 

The Periodic Table based on Moseley's atomic numbers did away with the 
irregularities that arise from the arrangement based on the atomic weight. For 
example, cobalt has an atomic weight of 58:9 atomic mass units (amu) and nickel 
has 58.7 amu. Hence according to Mendelcev's periodic law cobalt should be 
placed after nickel. Moseley's studies, on the contrary, adduced an atomic number 
27 to cobalt and 28 to nickel and thus placed nickel after cobalt. Similar inversion 
of positions was eliminated for the pairs: argon, potassium; iodine, tellurium, 
The periodic law can now be restated as: 

The properties of chemical elements and their compounds are periodic func- 
tions of the atomic numbers of the elements. 


2.3. THE PERIODIC TABLE 


АП elements of very similar properties belong to a particular group. Elements 
of different properties are members of different groups. A period has to be traversed 
in order to arrive at an element of similar properties, The arrangement of some 
of the lighter elements is shown in Table 2.1. Only two elements, hydrogen and 
helium, form the first period. These two elements are followed by a period of 
eight elements. This period begins with the element lithium and ends in neon. 
The next period of eight elements begins with sodium and ends in argon. A glance 
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at Table 2.1 immediately reveals a periodicity in properties of the elements. 
Lithium, sodium and potassium form a close knit group. All these elements are 


Table 2.1. The lighter Elements of the Periodic Table 


Group 1 LI ПЕСО А VE SVIDSS 
Period | 

First Period H (H) He 
Second Period Gib Be!) VB fuu BUS QD REL NE 
Third Period Na Mg Al Si P 5 С Ar 


Fourth Period K Ca 


soft metals of low density and low melting point. All react with water to liberate 
hydrogen and produce metal hydroxides in solution. Their halides have the 
formula MX, have high melting points, and their oxides are of the type мо. 
They all form very similar hydrides MH. They form stable, crystalline bicar- 
bonates, bisulphites, polyhalides etc. Chemical considerations place them together 
іп the same group. Taking the group '0' we find again a close similarity in pro- 
perties. Helium, neon and argon are remarkably inert during chemical 
reactions. They are monatomic. They form the family of noble gases. As we 
move along a period, say from sodium to magnesium, valence changes from one 
to two, magnesium forming MgCl,, MgO etc. Boron, aluminium in group ШІ 
are tervalent, forming ВС, AICI, etc. and so on for the other groups. The first 
two members of the fourth period, potassium and calcium, rightly are members 
of group I and Il respectively. After calcium there is a series of ten elements, 
scandium to zinc, which do not seem to fit properly into any of the eight groups. 
Mendeleev was conscious enough to recognise this problem. A solution was found 
out by arranging the elements in groups in order of atomic weights (later in order 
of atomic number) and allowing only one group position for iron, cobalt and 
nickel, a closely related triad (Tables 2.2 and 2.3). After this was done a 
superficial similarity emerged. For example, scandium in group III has really 
the group valence three and copper in group I has a valence + 1 at least in cuprous 
compounds. Mendeleev further divided the elements of a particular group into 
two subcolumas, which were termed subgroup A and subgroup B. All clements 
of a particular subgroup formed a coherent family, the chemistries being extremely 
close. Thus lithium, sodium, potassium, rubidium, caesium are all very closely 
related and belong to group IA. On the other hand, group IB comprises copper, 
silver and gold. Their properties compare favourably among them but vary from 
those of group IA. Both IB and IA have a formal similarity of monovalence то 
some of their compounds. The ten elements, from scandium to zinc, form a new 
group designated as the transition elements. Transition elements have already 
been defined (Chapter 1) as elements possessing partly filled d (or f) orbitals in 
elementary or ionic states. Strictly speaking zinc should be left out of the transition 
group since both the element and its ion (only Zn** is known) have a filled d shell. 
After zinc, there follow another eight elements whose properties are very 
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close to those of the second and third period. Gallium resembles group III ele- 
ments, germanium resembles group IV and so on. This fourth period ends with 
the elements bromine and krypton. Bromine has properties close to those of 
chlorinc and fluorine, and is rightly placed in group VII. Krypton, being a noble 
gas goes to group 0. 
The fifth period begins with rubidium which has a chemistry typical of group 
IA. Then comes strontium with properties similar to those of calcium, and hence 
belongs to group ПА, Then follows another series of ten (strictly speaking nine) 
transition elements from yttrium to cadmium. After cadmium comes indium, 
an element close to gallium in properties and is therefore placed in group III. 
Tin, antimony, tellurium, iodine and xenon then go respectively to the groups IV, 
V, VI, VII and 0. 
In the sixth period there is a total of thirty two elements. Following barium 
(П) there is a set of fifteen elements collectively called the rare earths or the 
lanthanides, They have an incomplete f shell, and since the f shell lies deeper 
down the outermost orbitals, these fifteen elements form an inner transition series. 
The lanthanides are then followed by another eight transition elements, and 
then by another nine regular or non-transition elements. Throughout the Periodic 
Table the following sets of transition elements occur, giving a total of 56 elements: 


First series of transition elements: scandium (21) to copper (29) 

Second series of transition elements: yttrium (39) to silver (47) 

First series of inner transition elements: lanthanum (57) to lutecium (71) 
Third series of transition elements: hafnium (72) to gold (79) 

Second series of inner transition elements: actinium (89) to lawrencium (103). 


In Mendeleev's 1871 Table (Table 2.2) there were only eight columns standing 
for the groups. He allowed one group for the triads (Fe, Co, Ni; Ru, Rh, Pd; 
Os, Ir, Pt) and ailowed the subgroups to be represented within the same column 
(Tables 2.2, 2.3). He had left gaps for yet undiscovered element. He did not provide 
for the noble gases since none was discovered in his time. The elements of sub- 
group А and subgroup B of a particular group often varied widely in their chemical 
properties and yet they were placed in the same column in the 1871 Mendeleev 
Table (Table 2.2) and also in the modern version of the Mendeleev Table. For 
example, the alkalies and the currency metals possess hardly any chemical resem- 
blance, yet these are all members of group I. In group VII the non-metallic halogens 
are widely different in their properties from the transition elements Mn, Tc and Re. 
"These drawbacks have been removed in the currently used long form of the Periodic 
Table (Table 2.4), where the subgroups have been spread out on either side of 
group VIII. Instead of having eight columns as in the Mendeleev arrangement 
we now have a total of eighteen columns: fourteen of these are for seven sub- 
group A columns and seven subgroup B columns; each of the triads in group УШ 
has been assigned one column and the noble gases a new column. One major 
advantage of this arrangement is that we can at once have a clear picture about 
the position and chemical behaviour of elements. Thus strong electropositive 
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elements belonging to groups ТА and ПА are placed at the left hand region of 
the Table, the electronegative elements belonging to groups ШВ, ТУВ, VB, VIB 
and VIIB occur at the right hand region of the Table and all transition elements 
at the central region of the Table (Table 2.4). 


2.4. ELECTRONIC CONFIGURATION AND PERIODIC 
CLASSIFICATION 


2.4.1. Classification of the Elements into Groups: Both atomic weights 
and atomic numbers have their origin in the nucleus, and both have been 
examined as a basis of the Periodic classification of elements. We have already 
seen that atomic number has an edge ovet atomic weight, being a more funda- 
mental yardstick of the periodicity of the propérties of chemical elements. Atomic 
number again corresponds to the total number of electrons in an atom. Since 
extranuclear electrons are responsible for the chemical behaviour of elements it 
follows that on ultimate reckoning electronic configuration of elements must be 
connected with Periodic classification. Specifically the arrangement of the electrons 
in the outermost orbitals dictates the positions of the elements in the Periodic 
Table. This intimate connection is exposed by the following discussion. 

We write below the electronic configurations of some randomly chosen 
elements: 


152252; 15; 13125229351; 1522522р5; 153251; [522522p92523p5; 153252259353 3p94s 
1532512p93523p5; 153252259 352; 1522512p* 


If the above electronic configurations are scrutinised from the view point 
of similarity in the outer orbital arrangement, the elements can be arranged in the 
following blocks: 


Is? 15225? 15%25%2р5 15%25%2р% 
1522s! 1532522p935? 15%2512р%35%3р5, — 15225?2p935?3p* 
1522522p*3s! 
1522522p935?3p*45! 
I II ш IV 


In block I all the four elements have just one electron in an s orbital of the 
outermost quantum shell. This common feature generates similar chemical pro- 
perties, and because of their having one electron in the outermost quantum shell 
they are included in group I. The elements are hydrogen, lithium, sodium and 
potassium. Block 11 elements have two electrons in s shells of the outermost 
quantum shell, and are therefore members of group II. They аге beryllium and 
magnesium. Block III has two elements with seven electrons in the outermost 
Shell. Hence they are placed in group VII. Periodic classification, therefore, is. 
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based on the sorting out of the elements on the basis of the number of electrons in 
the outer quantum shell. The number of outermost quantum shell electrons is the 
group number to which the element belongs. With this yardstick the elements of 
block IV, having a common feature of a filled s and a filled p subshell, should be 
allotted to group VIII. Unfortunately group VIII had already been spared for the 
transition metal triads. Therefore the two elements in block IV, namely neon and 
argon, have been assigned a new group ‘0’ which is symbolic of their extreme 
nobility. However as with many of our generalisations, exceptions also occur here 
—this relates to the arrangement of the transition elements. Our above generalisa- 
tions hold very well for all regular or non-transition elements. 

In the ‘f’ block inner transition elements with increasing atomic number 
electrons are added to the deep seated ‘f’ orbitals (Table 2.5). The nature of the 
higher quantum number energy levels of these elements is such that three electrons 
are removed comparatively casily to give the normal trivalent state. The ground 
state electronic configuration of the neutral lanthanide atoms is [Pd] 4/"55?5p*54d65? 
or [Pd] 4/ !5525p*6s? reducing to [Pd] 4f*5s*5p° in the trivalent ions (n = 0 to 
14 from La to Lu) (Table 2.5). As a consequence, the ‘f’ orbital electrons cannot 
participate in chemical reactions. These inner transition elements, from lanth- 
anum to lutecium, are allotted just one group position in group ПІ, following 
barium. Dominant tervalencc justifies the inclusion of the lanthanides in Group HI. 
The second inner transition series covers the actinides, the majority of which 
are man-made synthetic elements. Their electron distributions, broadly speaking, 
parallel those of the lanthanides, this time the deep seated 5f orbitals being pro- 
gressively filled from actinium to lawrencium. Hence all these elements are given 
but one position in group III following radium. 

In the d-block transition elements electrons are added successively to the 
penultimate shell, that is, to the d orbitals lying just below the highest quantum 
number s shells. The very small difference in energy between the d electrons (3d, 
4d or 5d) and the highest quantum number 5 (4s, 5s or 65 respectively) electrons 
(Fig. 1.18) makes these d electrons vulunerable to attack by chemical reagents, 
in addition to the outer orbital s clectrons. Hence the chemistries of the d block 
transition elements are not similar to each other like the f block elements. Hence 
it will be unfair to restrict d block transition elements of a particular period to 
just one group position. They are, therefore, allotted successive groups. It is grati- 
fying to note that the properties of a particular d block transition element are, 
to some extent at least, those expected of its position in a group. The long form of 
the Periodic Table has taken care of the problem of arrangement of these elements 
(Table 2.4) in patticular. 

It will be noted from Table 2.4 that hydrogen has been included in both group 
IA above the alkalies as also in group УИВ above the halogens. Like the alkalies 
it has one electron in an s shell and like the halogens it is just one electron short 
of the next noble gas (helium). In acids hydrogen loses the 1s electron and forms ~ 
the cation, proton, which in water becomes H,O+. In alkali metal hydrides, 
hydrogen behaves as an anion (like the halides) with helium configuration. 
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Table 2.5. Electronic Configuration of Trivalent Lanthanide Ions 


Representation of the Electronic Configuration 
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The electronic configurations of all the elements so far known are included 
in Table 2.6. The electron population of different orbitals has been indicated 
by appropriate numbers, instead of arrows. The electronic configurations of the 
actinides are not known with as much certainty as for other elements. However 
those given in the Table are the generally accepted ones. 


2.42. Capacities of Periods: It is interesting to note that there is some con- 
nection between the electronic configuration of the elements and the accommoda- 
tion capacities of the periods. Notethat the 1s orbital can have only two electrons. 
Hence only twa elements (Н and He) complete Period I (Table 2.4). Next the 
n = 2 shell starts, It has a maximum capacity of 2n? i.e., 8 electrons. In keeping 
with this we find that Period II has eight elements (lithium to neon). Then we 
have the filling of the 3s and 3p orbitals with a total capacity of eight elements. 
This shell has 3d orbitals but because of the lower energy of the 4s orbital than the 
3d orbitals (Fig. 1.19), the 3d level is not immediately filled. Thus Period III again 
shows eight elements from sodium (152528835!) to argon (15?2s?2p3s?3p*). The 
next Period IV shows gradual filling of the 4s, 3d and 4p orbitals giving a total 
of 2 + 10 + 6 = 18 elements from potassium to krypton. Period V registers 
the filling of 5s, 4d and 5p orbitals i.e., a total of 18 elements from rubidium to 
xenon. The next Period VI includes 6s, 4f, 5d and 6p—a total of 32 elements from 
caesium to radon. Periodicity and capacities of periods are closely connected 
with gradual filling up of the orbitals by electrons. The beauty of Mendeleev’s 
discovery lies in the fact that in no Period does the number of elements exceed that 
admitted by the electron accommodation capacity of a particular quantum shell or 
subshell. 


STUDY QUESTIONS 


1, How would you proceed to assign positions to elements of atomic numbers 4, 5, 11, 17 
in the Periodic Table? 

2. Hydrogen with a single electron can also be placed in group VII. Will it be inconsistent 
with its properties? 

3. If the lanthanides could be accommodated as a family in one position in the Periodic 
Table why can't we do it for the elements of the first transition series? 

у 

4. There is а connection between the capacíties of the periods and the electronic configura- 
tions. Discuss, 

5. In what regions of the Periodic Table are to be expected elements with smallest values of 
ionisation potential and largest values of electron affinity? (Wait till Chapter 4). 

6. Try to predict on the basis of electronic configuration and relative ordering of the energy 
levels, the properties of regular or non-transition elements and transition elements. 

7. Where are the following types of elements found in the Periodic Table? (a) metals (6) non- 
metals (c) most electropositive elements (d) most electronegative elements. 

8. From the position of the elements in the Periodic Table predict the formulas for the 
compounds formed between (а) Si and H (b) Si and F (c) Al and O (d) S and СІ (e) Na and H 
(f) Ne and F. 
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9. From lithium to neon there 


are eight elements, Show from an appreciation of electron 
distribution that there can be no less 


or no more than eight elements in this Period. 
10. In which groups of the Periodic Table will you include the elements with electronic 
configurations: " a 


1s* 252 2p* 35! ; 153 2s* ; 152 2s? 275 and 15* 25° 2p*, 


11. Mention the anomalies in Mendeleev's Pei 


riodic Table. How were these anomalies taken 
care of ? 


12. In what respects the Periodic Table is useful to the chemists? 


43. State the electronic confi 


igurations of the noble gases and discuss their position in the 
Periodic Table. 
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Atomic Weights 


- Atomic weights formed the basis of the Periodic classification suggested 
by Mendeleev. The basis had since been changed to atomic numbers, as thes» 
latter were found to be more fundamental to the understanding of chemical рги 
perties. The atomic weights, however, have not lost their significance or usefulness. 
The atomic weights are still the very basis of all quantitative chemical analyses, 
calculation of energy, mass defects, etc. etc., and are therefore of paramount 
importance in all our chemical and physical pursuits. Since Dalton's time our 
ideas of the atomic weights had undergone refinements, and it is the purpose 
of this Chapter to outline these refinements. 


3.1. THE ATOMIC WEIGHTS AND RELATED TERMS 


As our knowledge of the chemical world continued to grow a question that 
confronted chemists was what is the relative weights df the atoms of different 
elements and how to express these relative weights. It was but natural to ask 
how much an atom of sodium or an atom of chlorine weighed. The answer to 
such questions was given injthe form of relative weights of the atoms, expressed 
in terms of their atomic weights: 

The atomic weight of an element is a number that says how much heavy ап > 
atom of a particular element is compared to an atom of another element taken as 
a reference. M 

The atomic weights were regarded, prior to our recognising isotopes, as 
. invariant constants of nature. It was thought that the precision attainable in the 
determination of atomic weights was limited only by experimental techniques. 
The confidence in the invariance of atomic weights has now been totally shaken 
as a result of the discovery of isotopic species of many elements. Atomic weights 
will therefore remain constant only for those elements that have no naturally 
occurring isotopes. The following observations are relevant in this connection: 

1 
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1. The term atomic weight, when used without any qualification, refers to 
the atomic weight of an element, as it occurs in nature. Atomic weight and atomic 
mass are often used synonymously. 

2. A naturally occurring isotopic element occurs in different isotopic species, 
and hence atomic weight of such an element is but a weighted average of the 
atomic weights of the different isotopic species faking into consideration their 
relative abundances, 

3. The mass of an atom is a definite quantity and is generally expressed in 
atomic mass unit, the definition of which will be given a little later. However 
the accuracy with which the absolute masses of atoms can be experimentally 
determined is more limited than the relative masses, that is, the ratio of the mass 
of an element to that of some other atomic particle. Actual measurements are 
made on a relative, rather than on an absolute basis. “Atomic weights’ are really 
‘atomic weight ratios’. Atomic weights are thus dimensionless numbers, 

4. Nuclear niasses are due to the nucleons (protons and neutrons). For isotopic 
species the nuclear masses are different whereas for an anisotopic species the 

` nuclear mass is fixed. Atomic mass of an element minus the mass of the electrons 
forming the atom, will provide the nuclear mass. 

5. Two scales, namely a chemical scale (based on natural oxygen given a 
weight 16) and a physical scale (based on óxygen-16 isotope given a weight 16) 
were in use for the purpose of expressing atomic weights. These two scales have 
now been discarded and a unified scale based on carbon-12 isotope has been 
accepted. The carbon-12 scale is also a physical scale and its acceptance has been 
prompted because the atomic weights derived from the chemical scale differed 
insignificantly from those based on carbon-12 Scale. 


3.2. THE CHEMICAL AND PHYSICAL SCALES OF 
ATOMIC WEIGHTS 


Atomic weights are expressed in relation to a reference, the choice of the 
reference being dictated by the number of elements whose weight equivalence 
to the reference could be determined directly. It was also recognised very early 
that the choice of a reference weight to be assigned to the reference element had 
to be arbitrary. For example, it may sound amusing now that Berzelius who 
favoured oxygen as the reference element used, for some time at least, 100 as its 
weight. Several references have been proposed so far. Hydrogen was used very 
early as a reference since this was the lightest element known, and its atomic weight 
was assumed 1. The use of hydrogen was later found to be of limited merit since 
not many elements combined with hydrogen to produce pure, stoichiometric 
compounds. Search for another reference began and it was observed that Oxygen 
formed more binary and other types of chemical compounds with a wider range 
of elements, From a study of the reactions of hydrogen and oxygen forming water 
in atomic ratio (2 hydrogen to 1 oxygen) and by weight (1 part of hydrogen to 
8 parts of oxygen) oxygen was assigned an atomic weight 16. The two references 
Н = 1.000 and. О = 16.000 were supposed to be equivalent to each other for 
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fixing the atomic weights of other elements. In view of our current ideas of the 
structure of atoms, the assignment of unit weight to hydrogen and sixteen to oxygen 
must be considered as fortunate selections since 1 and 16 correspond to the mass 
numbers of these elements. 

The scale of atomic weight with natural oxygen of relative weight 16 taken 
as the reference is called the chemical scale of atomic weights. 

It can be guessed that the chemical scale based on natural oxygen 
(О = 16.000) will stay good so long as no one doubted the singularity of its atomic 
composition. Slowly but steadily physicists have started to devise more and more 
accurate methods for determining the masses of different elements. Aston developed 
his mass spectrograph where the mass of an element could be determined with a 
precision of 1 in 100,000. Natural oxygen was found to be a mixture of as many 
as three isotopes of mass numbers 16, 17 and 18 with percentage abundances of 
99.575, 0.039 and 0.204 respectively. The true mass of natural oxygen is therefore: 


(16 x 0.99757) ++ (17 x 0.00039) + (18 x 0.00204) = 16.00447 


Aston decided to use the exact number 16 as the relative mass of oxygen 
isotope-16 as a reference and thus introduced a new scale of atomic weights. 

The scale of atomic weights with O-16 isotope of relative weight 16 taken as 
the reference is called the physical scale of atomic weights. i 

In chemical determinations of atomic weights natural oxygen, against which 
all weight equivalence reactions were studied, was assumed to have а value of 
16.000, instead of the physically determined value of 16.00447. The chemical 
atomic weights include the heavier isotopes within O — 16.000. Therefore, the 
physical atomic weights are always larger than the chemical atomic weights by 
the ratio 16.00447 : 16.00000, that is: ' 

Physical atomic weight of an element = 1.00028 x chemical atomic weight. 


3.3. THE UNIFIED CARBON-i2 SCALE OF ATOMIC WEIGHTS 


The existence of two atomic weight scales was causing concern to chemists 
and physicists. A case for adoption of a unified scale for atomic weights therefore 
arose. Scrapping of the chemical scale altogether by the physical scale meant 
upward revision of all precisely determined chemical data by а factor of 0.02875 
and to extend the correction to all standard physicochemical data on the chemical 
scale. This situation was clearly not acceptable to chemists. On the other hand 
physicists demanded that atomic weights must be expressed taking the mass of 
an isotopic species as a reference. А compromise was found out that honoured 
the claims of both the physicists and the chemists. Mass spectrographic analysis 
of natural carbon showed 98.89 % abundance of carbon-12 and 1.11% abundance 
of carbon-13 isotope. The percent abundance of carbon-14 in nature was negligible 
for the purpose. This gave а mass of 12.01115 to the isotopic mixture on granting 
a mass of 12 to carbon-12 and of mass 13 to carbon-13 isotope. The chemically 
determined atomic weight of carbon, however, was found to be 12.011617. The 
physical scale (O-16) value was 12.014921. Consideration of several other atomic 
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weights expressed on the chemical scale and on the carbon-12 scale led to the 
conclusion that the chemical scale atomic weights need to be reduced by only 
0.004% for conversion to the carbon-12 scale atomic weights. А comparison of 
some atomic weights on the three scales is given in Table 3.1. This made chemists 
happy because their painstaking determination of atomic weights still stood the 


Table 3.1. Comparison of the Chemical Scale, the Physical Scale 
and the Unified Carbon-12 Mass Scale . 
DRM SUPERNE NN 


Physical Scale (O-16) Unified Carbon-!2 


Species Chemical Scale = 1.00028 x Chemical Scale = 0.999967 х 
Scale Chemical Scale 
H (natural) 1.008011 ' 1.008288 1.007967 
C (natural) 12.011617 12.014921 12.011150 
O (natural) 16.00000 16.00447 15.999312 
H-1 ` 1.007865 1.008142 1.007822 
O-16 15.995601 16.00000 15.994912 
C-12 12.000516 12.003816 12.00000 


чыш д АИ аал 
ground, and the correction figure being small any recalculation and reevaluation of 

standard physicochemical data were hardly necessary. The acceptance of the 

carbon-12 scale also made the physicists happy because their demand of using 

а single isotope as the reference was recognised. So the current position is that all 

atomic weights are expressed in the unified carbon-12 scale. It is important to 

mention that no change in atomic weight scale would affect gravimetric factors, 

since all atomic weights would be changed in equal proportions. 


3.4. SOME DEFINITIONS 


Based on the unified scale the following definitions are to be noted: 

А, The atomic weight of an element is a number that Says how much heavy 
an atom of an element is compared to one-twelfth of an atom of carbon-12 isotope. 

В. The gram atomic weight of an element is the weight in grams that contains 
the same number of atoms as twelve grams of carbon-12 isotope. It should be noted 
that while the atomic weight of an element is dimensionless, its gram atomic weight 
has the unit of grams. It is often loosely stated that the gram atomic weight is the 
atomic weight expressed in grams, 

C. Atomic moss unit (amu) is exactly the one-twelfth of the mass of a carbon 
-12 atom. The mass ofan atomexpressed in amu is numerically equal to its atomic 
weight on the carbon-12 scale. Since 6.023 x 1025 (Avogadro number) atoms 
of carbon-12 weigh 12 gm each carbon-12 atom weighs (12/6.023) x 10-83 gm, 
Therefore, ? 


12 1 2 
1ати = 605 Х 12 Х 10735 = 1.6603 x 10-4 g 


ATOMIC WEIGHTS 59 


D. The molecular weight of a compound is a number that indicates how heavy 
a molecule of the compound is compared to one-twelfth of an atom of carbon-12 
isotope. R 
- E. The gram molecular weight of a compound is the weight in grams that con- 
tains the same number of molecules as the number of atoms present in twelve grams 
of carbon-12 isotope. Loosely it is the molecular weight expressed in grams. 


3.5. DETERMINATION OF ATOMIC WEIGHTS 


3.5.1. Chemical Stoichiometry. The essence of the classical methods of deter- 
mining atomic weights was to effect carefully a set of quantitative chemical con- 
versions on a chosen substance, and then to determine very precisely the ratio 
of the combining weight of the element (whose atomic weight was being sought) 
and that of a reference clement. Preferably only the desired element and the refer- 
ence element were involved in the observed reaction. If other elements were partici- 
pants in these conversions, their atomic weights had to be determined by other 
independent measurements. The essential data are the combining weights and a 
knowledge of the valences of the elements involved in the chemical conveisions. 

The principles involved in the chemical determinations are simple enough 
but obtaining precise data involves considerable experimenta! problems. Apart 
from the necessity of very accurate weighing, the technique involves quantitative 
conversion of one substance to another. The purity of the materials at all stages 
must be of the highest order and the compounds must conform to some exact 
stoichiometry. The experimental problems relate to meticulous drying of the 
materials, their handling in suitable atmosphere and precision weighing. For- 
tunately a group of brilliant experimentalists emerged during the first decade of 
this century, who overcame all the difficult problems and reported atomic weights 
mich more accurrately than those obtained by earlier workers. The 1914 award 
of Nobel Prize for chemistry went to Richards for his works on atomic weights. 
The award is remarkable because it was given for refinements of existing know- 
ledge rather than for original discovery. > 

Some atomic weight determinations are now discussed. 

Stas's works. In order to determine the atomic weight of silver precisely 
Stas made use of the reaction between silver and chlorine. A known weight of 
pure silver was heated in a stream of dry and pure chlorine gas in a glass tube 
and the resultifig silver chloride was weighed. He also dissolved a known quantity 
of silver in pure nitric acid and precipitated the silver as silver chloride and weighed. 
35.45 gm of chlorine'combined with 107.94 gm of silver to give 143.39 gm of AgCI. 
Taking the atomic weight of chlorine as 35.45. the atomic weight of silver was 
found out to be 107.94. 

For determination of atomic weight of nitrogen Stas converted a weighed 
amount of KCI to KNO, by repeated treatment with nitric acid. The ratio of 
KCI : KNO, = 74.59 : 101.175 was obtained. Putting in the values of K(— 39.14) 
and O(= 16.00) we have: 

| 7459 74.59 


3914 a = 101175 "heme N = 14.035 


60 INORGANIC CHEMISTRY 


Alternatively a weighed amount of silver was dissolved in HNO,, the solution 
dried and the silver nitrate fused and dried. Stas calculated the ratio Ag: AgNO, = 
100 : 157.484. Then i 


107.94 100 
107394--NI48 ^ 157484 Whence М = 14.05 


Richards Works. Richards introduced many improvements in the experi- 
mental techniques including purification of materials, careful drying, weighing 
in quartz vessels, and working in suitable atmosphere (of hydrogen etc). Stas's 
works suffered from some sources of. error, such as solubility of silver chloride, 
occulsion of oxygen by silver, inadequate washing due to a large quantity of 
material etc. 

Richards developed a special bottling apparatus (Fig. 3.1). The apparatus 

, Consists of a quartz tube A fitted by a ground glass joint to another glass tube B 
with a pocket C. A platinum boat D containing the substance was put inside the 
quartz tube. The weighing bottle E was put into B and its stopper S into the pocket. 


4 . Fic, 3.1. Richards’ bottling apparatus 


The boat was heated in a current of some dry gas. It was then cooled, the gas in 
the bottling apparatus replaced by dry air and the boat pushed by a rod through 
A into the weighing bottle. The tube B was then rotated until the stopper S faced 
the bottle. The stopper was then pushed into the mouth of the bottle. The stop- 
pered bottle was then removed and weighed, 

In order to avoid the uncertainties in the usual gravimetric estimation of 
silver. as silver chloride, Richards used a nephelometric method for the purpose. 
The amount of silver chloride that was Suspected to have remained in solution 
after, precipitation as AgCI was determined by the addition of excess silver nitrate 
whereby due to common ion effect some small amount of silver chloride came 
out of solution showing opalescence. This opalescence was compared with a stan- 
dard in a nephelometer by passing bright light through the solution, However 
the nephelometric method has been criticised by chemists. 

With these modifications Richards and his students proceeded to obtain 
accurate atomic weight data for silver, nitrogen and chlorine. Three sets of reac- 
tions were quantitatively studied for the purpose: 

(1) determination of the amount of AgCI from a known amount of Ag 

(2) determination of the amount of AgCI from a known amount of NH,Cl 

(3) determination of the amount of AgNO, from a known amount of Ag 

(1) Silver nitrate was recrystallised fifteen times. This was then reduced to 
pure silver and weighed. This silver was then treated with very pure nitric acid 
(which was previously distilled repeatedly) and the silver precipitated by very 
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pure sodium chloride. The silver chloride was determined by gravimetric and 
nephelometric procedures; result: 1.00000 gm of silver gave 1.32867 gm AgCI. 
(2) Pure ammonium chloride was obtained at considerable pains. Ammonium 
sulphate was treated with KMnO; to destroy any organic impurity. This was then 
treated with pure lime and the ammonia was absorbed in НСІ. The crude NH,CI 
- obtained from the solution was sublimed to give the pure salt. A weighed amount 
was treated with very pure silver nitrate and the silver chloride determined as 
above. 
result: 0.373217 gm of NH,CI gave 1.00000 gm AgCI. 
(3) Very pure silver, as obtained above, was dissolved in pure HNO; and 
the solution evaporated to dryness in dry air. 
result: 1.00000 gm of silver gave 1.57497 gm of AgNO; 
AgCl _ i NH,C|  ,.AgNO, 5 
АДАМ РАНО И AG ү: 
If the atomic weights of Ag, Cl and ЇЧ be assumed x, y and 2 respectively, and if 
atomic weights of H and О are taken as 1.0076 and 16.000 respectively we have: 


Now let 


x+y=ax У.) 
у + 2 + 4.0304 = b(x + у) ЖОО) 
x + 2 + 48.000 = сх Э) 


Putting the value of z from (3) intó (2) we have: 
(c—1)x—bx + (1 —b)y = 43.9696 
But according to equation (1), y = (а—1)х so that 
' at 43.9696 _ 43.9696 
х= Т0) — с—2+а—аЁ 
Since a, b and с are all known from experiments, atomic weight of silver turns 
out to be 107.88. Similarly the other two were worked out: N — 14.008 and 
CI — 35457. 

Honigschmid's works. Honigschmid and coworkers arrived at the atomic 
weight of silver from another set of chemical conversions. А weighed amount 
of Ba(CIO;), was dried in a furnace at 260°C in a current of pure and dry air. 
The sample was then manipulated by specially devised techniques into a vacuum 
weighing bottle and its weight recorded. It was then returned to the furnace and 
heated in a stream of dry HCI gas at 200°C and finally at 550^C so as to convert 
the Ba (СТО), to BaCl,. This was weighed again in vacuo. Weighing in vacuo: 
was done with a view to minimising occlusion of oxygen by BaCl,. The chloride 
in BaCl, was finally estimated with silver ion by nephelometric method. Thus 
precise data were collected on the weights of Ba(ClO,),, BaCl, and АРСІ corres- 
ponding to BaCl,. It can be seen that the loss of weight in going from Ba (С10,), 
to BaCl, gives (ће ratio of.80: BaCl,. Then since BaCl, was converted quantita- 
tively to silver chloride the ratio of 8O : 2AgCI is available. Further since we 
know from other workers’ experiments how much silver combines with how much 
chlorine it is possible to deduce the ultimate ratio of 80 : 2Ag whence on the 
assumption of O — 16.000 the atomic weight of silver was calculated as 107.88. 
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3.5.2. Mass Spectrography. Mass spectrograph is basically an equipment that 
allows determination of the charge to mass ratio of positive ions. This deter- 
mination of mass is achieved by an examination of the positive ions in electric 


and magnetic fields. 


Positive ions are produced in an ionisation chamber either by heating salts 
of the metallic element which is being examined or by bombarding a suitable 
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volatile compound with a 
stream of electrons emit- 
ted from a heated filament. 
Arrangement inside the 
ionisation chamber is such 
that electrons or negative 
ions that might be pro- 
duced are collected on the 
positive plate serving as a 
trap for electrons or nega- 
tive ions. Only the posi- 
tive ions emerge from the 


ionisation chamber and a 
narrow beam is selected 
out by suitable slits. This 
1o signal beam is next accelerated 
amplifier by passage through an 
electric field PP ( ~ 2000 . 
volts) when the positive 
ions of different charge to 
mass ratios spread out. 
These are then passed through a magnetic field MM applied at 90° to the electric 
field. By this technique the different positive ions are deflectėd to different degrees 
and are recorded on a photographic plate or brought on to a collector plate with 
amplifier device (Fig. 3.2) The source and the path through which the ions pass 
must be kept under a vacuum to provide a long mean free path for the ions. 

For a given accelerating voltage and magnetic field strength, the extent to 
which the ion beam is deflected depends upon the.charge and mass of the ions. 
The deflection of an ion is inversely related to its mass but directly related to its 
charge. The energy of the ions in an electric field is Xe(X = strength of the electric 
field and e — charge on the positive ion). This energy is kinetic energy since the 
electric field accelerates the positive ions. Then, 

Хе = утио = velocity of the positive ion) 

In the magnetic field the centrifugal force mv?/r (г = radius of curvature) is 

balanced by the centripetal force Hev (H — strength ofthe magnetic field). Then, 
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Fic. 3.2. Schematic diagram of mass spectrograph 
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Еа е 2X 
Finally mic Hi 
From practical standpoint accurate determination of H and r is difficult, and is 
avoided in the determination of atomic weights. A known positive ion. say + 1 
ion of carbon-12 is used as a reference. Using a known accelerating voltage and 
a certain magnetic field H, the position of the monopositive carbon-12 ions on thc 
collector plate (or the photographic plate) is noted. Then mono positive ions of the 
element, say A, whose mass is to be determined is brought to the same point on 
the collector plate by adjusting the accelerating voltage only (leaving the magnetic 
field unchanged). Under such situation the two positive ions have the same charge, 
are under the same magnetic field /7 and have the same radius of curvature r. The 
two ions having the same ‘e’ but different mass we have: 
LA u^ die m e 
m | НЗ пг Низ 
је Рајс КДА Шыл 6 
m'm На Him Хх 
mass of carbon-12 _ voltage for A 
mass of A voltage for carbon-12 


Thus 


The two voltages, and the mass of carbon-12 being known, we can calculate. the 
mass (atomic weight) of A. 


3.6. TABLE OF ATOMIC WEIGHTS 


Below we give the atomic weights of elements on the unified carbon-12 scale. 
The numbers in parentheses denote the mass number of the longest lived or best 
known isotope. 


Table 3.2. Table of Atomic Weights (based on carbon-12 — 12.000) 


Element Symbol. Atomic Number Atomic Weight 
Actinium Ac 89 227 
Aluminium А! 13 26.98 
Americium Am 95 (243) 
Antimony Sb 51 121.75 
Argon Ar 18 39.948 
Arsenic As 33 74.92 
Astatine At D 85 (210) 
Barium * Ba 56 137.34 
Berkelium Bk 97 (249) 
Beryllium Be 4 9.012 
Bismuth Bi 2 $3 208.98 
Boron B 5 10.81 


Bromine Br 35 79.909 
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Element Symbol Atomic Number Atomic Weight 
Cadmium Cd 48 112.40 
Calcium Ca 20 40.08 
Californium Cf 98. (251) 
Carbon С 6 12.01115 
Cerium Ce 58 140.12 
Caesium Cs 55 132.91 
Chlorine CI 17 35.453 
Chromium Cr 24 52.00 
Cobalt Co 27 58.933 
Copper Cu 29 63.54 
Curium Cm 96 Q47) 
Dysprosium Dy 66 162.50 
Einsteinium Es 99 (254) 
Erbium Er 68 167.26 
Europium Eu 63 151.96 
Fermium =Ет 100 (253) 
Fluorine E 9 19.00 
Francium Fr 87 (223) 
Gadolinium Gd 64 157.25 
Gallium Ga 31 69.72 
Germanium Ge 32 72.59 
Gold Au 79 196.97 
Hafnium Hf 72 178.49 
Helium He 2 4.003 
Holmium Ho 67 164.93 
Hydrogen H 1 1.007967 
Indium In 49 114.82 
Iodine I 53 126.90 
Iridium Ir 77 192.20 
Iron Fe 26 55.85 
Krypton Kr 36 83.80 
Lanthanum La 57 138.91 
Lawrencium Lw 103 (257) 
Lead Pb 82 207.19 
Lithium Li 3 6.939 
Lutecium Lu 71 174.97 
Magnesium Mg 12 24.312 
Manganese Mn 25 54.94 
Mendeleevium Md 101 (255) 
Mercury Hg 80 200.59 
Molybdenum Mo 42 95.94 
Neodymium Nd 60 144.24 
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Table 3.2, (Continued) 


Element Symbol Atomic Number Atomic Weight 


Neon Ne 10 20.183 
Neptunium Np 93 (237) 
Nickel Ni 28 58.71 
Niobium Nb 41 : 92.91 
Nitrogen N 7 14.007 
Nobelium No 102 (253) 
Osmium Os 76 190.2 
Oxygen о 8 15.99943 
Palladium  : Pd 46 106.4 
Phosphorus P 15 30.974 

: Platinum Pt 78 195.09 
Plutonium Pu 94 t (242) 
Polonium Po 84 210 
Potassium K 19 39.102 
Praseodymium Pr 59 140.907 
Promethium Pm Я 61 (147) 
Protactinium Pa 91 (231) 
Radium Ra 88 226.05 
Radon Ro 86 222 X 
Rhenium Re 75 186.23 
Rhodium Rh 45 102.905 
Rubidium Rb 37 85.47 
Ruthenium Ru 44 101.07 
Samarium Sm 62 150.35 
Scandium Sc 21 44.956 
Selenium Se 34 78.96 
Silicon Si 14 28.086 
Silver Ag 47 107.87 

* Sodium Na 11 22.9898 

Strontium Sr 38 87.62 
Sulphur S 16 32.064 
Tantalum Ta 73 180.948 
Technetium Tc 43 (99) 
Tellurium Te 52 127.60 
Terbium Tb 65 158.924 
Thallium T! 81 204.37 
Thorium Th 90 232.038 
Thulium Tm 69 · 168.934 
Tin $n 50 118.69 
Titanium Ti 22 47.90 
Tungsten w 74 183.85 ` 
Uranium U 92 238,03 
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Table 2.3. (Continued) 


Element Symbol Atomic Number Atomic Weight 
DESEE NC т ы лы з ЕКИ et MS n RAN 

Vanadium У 23 50.942 

Xenon Xe 54 131.30 
Ytterbium Yb 70 173.04 

Yttrium У 39 88.905 

Zinc Zn 30 65.37 
Zirconium Zr 40 91.22 


STUDY QUESTIONS 


1. The chloride of a metal contains 60.6 per cent chlorine by weight. If the combining ratio 
(by atom) is 1 : 1 what is the atomic weight of the element 7 Check from а Table of atomic weights 
and name the element. Can this element form a chloride with any other atom ratio ? 

2. If the atomic weight of oxygen were taken as 8.00 instead of 16.00 how would it change 
the atomic weights of sulphur, hydrogen and nickel? 

3. Magnesium has three isotopes of masses 24.0, 25.0 and 26.0, the percentage abundance 
being 78, 10 and 12 respectively. Calculate the atomic weight of magnesium. 

4. On electrolysis of an aqueous solution of curpric solution the following reaction takes 
place at the cathode: Cu** + 2e > Си 
1.93 X 10" coulombs is needed to deposit one gram atomic weight of copper. Given the clue 
that an electron carries 1.60 x 10-!# coulombs calculate the number of atoms in one gram atomic 
weight of copper. 
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· Some Fundamental Physical 
Properties of Atoms 
and Molecules 


We discuss in this Chapter some fundamental properties of atoms and mole- 
cules, that are consequences of the electronic configurations of the elements. 
Of these, ionisation potential, electron affinity, electronegativity are of vital impor- 
tance for any discussion of variation in chemical properties of elements. A dis- 
cussion of these three properties will be followed by a resume of ionic radii, atomic 
radii, covalent radii and van der Waals radii. 


4.1. IONISATION POTENTIAL 


If enough energy is supplied to an electron of a particular atom, it can be 
promoted to successively higher energy levels. If the supplied energy is large 
enough it may be possible to remove the electron completely from the pull of 
the positive nucleus. The minimum energy required to remove an electron com- 
pletely јтот а gaseous atomic species is called the first ionisation (energy) potential 
of the atom. 

atom + ionisation energy — unipositive ion + electron 

It is usually measured in electron volts, one-electron volt (ev) being the energy 
gained by an electron failing through a potential difference of one volt (1 ev = 
1.6 x 10-1егрѕ). It is also often expressed in Keal/mole (1 ev = 23.06 K cal/mole). 
A given element will have several ionisation potentials, one for each electron it 
has. Successive removal of electrons from an originally neutral atom gives the first, 
second, third, etc ionisation potentials. 

A brief sketch of the experimental technique for determination of ionisation 
potentials may be entimerated. We know that gases conduct best at low pressures 
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and that a minimum voltage is required before conduction begins. This means 
that some minimum quantity of energy is required to produce ions from otherwise 
neutral atoms or molecules. The experimental set-up combines an electron source 
' and a mass spectrometer. The electron source produces a beam of electrons whose 
energy can be regulated and measured. The electron beam is directed at a sample 
of a monatomic gas. (Diatomic molecules are to be atomised first, and then sub- 
jected to the electron beam). Positive ions formed in the process are detected in 
the mass spectrometer. The mass spectrometer can differentiate between ions with 
different charge/mass ratios. If a single monatomic gas of known atomic mass is 
used, the charge on each type of positive ion can be determined since all the ions 
have the same mass. It is, thus, possible to decide how many electrons the atom 
has lost in producing each different type of ion. As the energy of the bombarding 
electron beam is increased, the monatomic gas reaches an energy at which positive 
ions with a single positive charge appear in the mass spectrometer. The energy of 
this particular electron beam, which compels ionisation, corresponds to the first 
ionisation potential of the monatomic gas. Ionisation potentials of simple hydrogen- 
like ions can also be obtained simply by the calculation of transition energy between 
the ground state and the state at infinity (Chapter 1). With hydrogen atom there 
is only onc ionisation potential. With helium atom there is a first ionisation poten- 
tial associated with the loss of one electron and а second ionisation potential 
associated with the loss of a second electron. A list of the first ionisation potentials 
of different elements is given in Table 4.1. 

The following factors influence the magnitude of the ionisation potentials: 
(1) the distance of the electron from the nucleus, (2) the charge on the nucleus 
(that is, atomic number), (3) the screening effect of the lower lying inner electrons 
and (4) overall charge on the ionising species. 

(1) The greater the distance of an electron from the positively charged nucleus 
of an element, the weaker will be the attraction and hence the lower the ionisation 
potential of that element. If an atom is raised to an excited state by promoting 
one electron to a higher energy level, then that electron is farther from the nucleus 
and it is observed that this excited electron is more easily detached than when the 
electron is in its ground state. 

(2) The higher the charge on the nucleus the more difficult it is to remove an 
electron and hence the higher is the value of the ionisation potential. In a group 
in the Periodic Table both the distance of the valence electrons from the nucleus 
and the nuclear charge increase with increasing atomic number. These factors 
will have opposing effects on the potential, although the distance factor seems to 
be more important. In a horizontal row (period) of elements, with increasing atomic 
number electrons are added to orbitals of the same principal quantum number. 
These electrons add little to the size of the atom, the increasing nuclear charge 
bringing about a contraction in size. In effect, therefore, ionisationpotential steadily 
increases along a period. : 

(3) Electrons provide a screening effect on the nucleus. The outermost elec- 
trons are shielded from the nucleus by the inner electrons. The radial distri- 
bution functions of the s, p and d orbitals (Chapter 1) show that for the same 
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principal quantum number the s Orbital is the most penetrating, next is the p 
orbital and least penetrating is the d-orbital. Screening efficiency falls off in the 
order s>p>d. 

(4) An increase in the overall charge on the ionising species e.g., M+, М?*, 
etc. will enormously influence the ionisation potential since electron withdrawal 
from a positively charged species is more difficult than from a neutral atom. 


POTENTIAL (ev) 


IONISATION 


ATOMIC NUMBER 


Fro. 4.1. First ionisation potentials as functions of atomic numbers 


The first ionisation potentials of the elements vary with their positions in 
the Periodic Table (Fig. 4.1). In each period of the Table the noble gas has the 
highest value and the alkali metal the lowest value for the potentia]. Note that 
the potentials of elements in a group gradually decrease with increasing atomic 
number, as for example, in the alkalies: 

Li Na K Rb Cs 
5.39 514 ° 4.34 4.18 3,89 (ev) 
The low ionisation potentials indicate their great chemical activity and further 
point to the high degree of stability associated with noble gas electronic configura- 
tion. As we go from lithium (152251) to neon (15225?2p9) the seven electrons, which 
are added, belong to the same principal quantum shell. Since the radial distribu- 
tion functions of all the six p electrons ate identical and since p electrons are poor 
shielders, the increased nuclear charge is heavily felt by the outermost electrons. 
Consequently the noble gases possess high ionisation potentials: 
He Ne Ar Kr Xe 
24.58 21.56 15.76 14.00 12.13 (ev) 
The increase of the first ionisation potentials along a period is shown, for example, 
by the following series: 
Li Be B c N о Е 
5.39 9.32 8.29 11.25 1453 13.61 17.42 (ev) 
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The values for boron and oxygen are slightly lower than would be expected. Nitro- 
gen has the configuration 15?2s22p',2p!,2p!; and oxygen has 15225?2p*;2p!,2p!;. 
Oxygen has two electrons in the same orbital and the resulting repulsion between 
the two electrons is responsible for the drop in ionisation potential from nitrogen 
to oxygen. Another way of stating this will be that the half filled subshell in nitrogen 
is more stable. The drop from beryllium to boron is due to (1) the extra stability 
associated with a filled shell, or subshell (15225? in Be) and (2) higher energy of the 
2p electron in B (1522522р!), Moreover an increase in atomic number (i.e., one 
more proton in the nucleus) also makes the zs? electrons more tightly bound. 

It is also interesting to see that the potential of an alkaline earth metal is always 
greater than that of the preceding alkali metal. Compare K(4.34 ev) and Ca 
(6.11 ev); Rb(4.18ev) and Sr(5.69 ev); Cs(3.89 ev) and Ba(5.21 ev). Once again 
filled s sub-shells impart an extra stability. 

A considerable difference exists between ionisation potentials of transition 
metals and those of non-transition elements. The difference obviously is to be 
related to the peculiar screening effect of the d orbitals. More of this appears in 
Part II. 

When successive ionisation potentials of the same element are considered 
the effective charge becomes larger and the positive ions contract in size. These 
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Ета. 4.2. Ionisation potentials of an isoelectronic 
series of atoms and ions 


two effects lead to a large increase in successive ionisation potentials. For example, 
the first, second and third jonisation potentials of magnesium are: 7.64, 15.03 
and 80.12 ev respectively. і 
The combined effect of nuclear charge and overall charge on the ionisation 

potential of the charged species is remarkably shown by an examination of an 
isoelectronic series of atoms and ions. Consider the series: 

Li Be* p Ct N** Qr F** 

5.39 18.21 37.92 6448 97.86 138.10 185.14 ev 
These seven species all belong to different elements but all have the same electronic 
configuration 152251, However their nuclear charges are different (+ 3 for Li to 
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+ 9 for F+). If all these species lose one more electron all will move to the helium 
electronic configuration 1s?, Increasing nuclear charge and increasing overall 
charge together should make it harder for the species to ionise still further. Since 
both the factors increase from Li to F** it is expected that their ionisation poten- 
tials should also vary accordingly. The plot of the square roots of the ionisation 
potentials versus atomic number (nuclear charge) gives a straight line (Fig. 4.2). 

For the general case of an electron moving around a nucleus of charge + Ze 
the energy associated with a transition will be in accordance with equation (8) 
of Chapter 1: 


т те | 1 1 (ds т. 
Е === (елла) (E = LP. when ng = o) 


зо that ionisation potential becomes proportional to the square of the nuclear 
charge, i.e., Et varies as Z. 


42. ELECTRON AFFINITY 


The electron affinity of an atom is defined as the energy liberated when a gase- 

ous atom captures an electron. 

atom+ electron—uninegative ion + electron affinity 

Evidently electron affinity is equal in magnitude to the ionisation energy of the species 
formed. The definition of electron affinity as the exothermicity of the electron 
capture reaction would lead to a negative sign according to our usual convention. 
But electron affinity is normally described with a positive sign. Negative electron 
affinities are known. These negative values indicate that the species concerned does 
not like to have any more electron. 

Electron aflinities are difficult to obtain. These are often obtained from indirect 
measurements: by analysis of Born-Haber energy cycles їп which one step is 
electron capture or by the direct study of electron capture from heated filaments. 
In the latter method the number of neutral atoms, negative ions and electrons are 
determined with a mass spectrometer. This gives the standard free-energy for the 
equilibrium X + е X-. The free energy can be calculated from the temperature 
dependence of the equilibrium constant. 

Some electron affinity values for different atoms are given in Table 4.2. The 
halogens have the highest electron affinities, although they do not show a mono- 
tonic (linear) decrease from’ fluorine to iodine. Their high values are indicative 


have small negative electron affinities, The reason for the negative values for the 
formation of O*- and Sè- is that the second electron must be added to an already 
negative ion. 

Electron affinity data on noble Bases are not available. Complete lack of 
evidence for stable noble gas anions is sufficient proof of their low electron affinity. 
An electron, even if. accepted by a noble gas atom, would have to go into an orbital 
in the’ next quantum shell (say for argon from 1522512935239 to 1582522р63523р6 
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Table 4.2. Electron Affinities of Some Atoms 


(For oxygen, sulphur and selenium values for X—XX*- are also included) 


Atom Electron affinity (ev) Atom Electron Affinity (ev) 


H 0.747 S48 —3.91 
Е 3.45 Se 1.70 
а 3.61 Se— Set- —4.21 
Br 3.36 Li 0.54 
1 3.06 Na 0.74 
о 147 K 0.70 
OS0- . —74l Be —0.60 
G 1.25 Mg —0.30 
Si 1.63 B 0.20 
N —0.10 Al 0.60 
P 0.70 Zn —0.90 
5 2.07 


— ——————————————————— 
4s"), and presumably the nuclear charge is not high enough to hold an electron 
placed so far out. 

The negative values of the second electron affinity for oxygen, sulphur may 
appear surprising in view of the existence of very stable metal oxides and sulphides. 
The answer to this is that ionisation potential and electron affinity are not the 
only factors that are responsible for compound formation. Ionic compounds, 
in particular, achieve a good deal.of extra stability due to lattice energy, which 
arises out of close packing of oppositely charged ions in a crystalline 
lattice (Chapter 5), 


4.3. ELECTRONEGATIVITY 


In a compound the electron attracting powers of dissimilar atoms are different. 
Pauling has defined electronegativity as the power of an atom in a molecule to attract 
electrons onto itself. The reader must note that clectron affinity and electronega- 
tivity are both index of electron attracting power but the former refers to an isolated 
atom and the latter to an atom in a compound. 

Let us consider a pair of atoms, А and B, which combine to form a compound 
AB with a single bond between them. The two electrons making the single bond 
can assume three different positions as under: | 

At. :B- AN B A В 
1 2 3 

1. Both the electrons may reside in an orbital of atom B to form a negative 
B- and a positive ion A*. In this case the electronegativity of B is far greater 
than that of A, and an ionic bond results (e.g. Na*CI-). 
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2. The two electrons might be shared equally by overlap of orbitals of A 
and B. Та this case, the electronegativities of A and B are equal, and a non-polar 
covalent bond is formed (eg : Hp, Cl.). 

3. The two electrons might be somewhat closer to A than to B, that is, a major 
share of the electron pair will reside on the A side of the overlapped orbitals. In 
this case, electronegativity of A is somewhat greater than that of B, land a polar 
covalent bond results (eg : СЇ8-—Н8+). 

Several approaches have been proposed for a quantitative measure of elec- 
tronegativity. Of these, those initiated by Pauling, Mulliken, and Allred and 
Rochow are important. 

Whenever two or more atoms combine to form bonds there is liberation of 
energy. This energy is strictly called bond energy and must have a negative sign. 
Again this same magnitude of energy has to be supplied to, break the bond. This 
latter is called bond dissociation energy and carries a positive sign. However 
bond dissociation energy and bond energy are used synonymously. 

Pauling observed that bond dissociation energy (defined as the energy absorbed 
per mole when a particular kind of bond is broken in the gas state, expressed in Keal/ 
mole) of a compound A—B (DA. 5) is always greater thansthe geometric mean of 
the bond dissociation energies of the molecules A—A and B— B. The geometric 
mean bond energy (Daa. Dgg)i is assumed to be the hypothetical bond dissociation 
energy of the compound A—B provided A—B has a purely non-polar covalent 
bond. The compound A—B will form a. purely non-polar covalent bond provided 
both A and B possess similar electron attracting ability, otherwise the bond will 
develop а polar character eg. of the type Аг-Вэ+ Showing some accumulation of 
negative and positive charges on A and B respectively. The difference A between 
the actual bond dissociation energy of A—B (D4. y) and the hypothetical geometric 


energy appearing in A—B molecule arises out of electrostatic attraction between 

A шы їп the partial ionic form A?-Bè+, This extra energy possessed by a mole- 

is ee partial Jonic character is called ionic resonance energy A. This Ahas been 

Pr. yi ae as a measure of the difference in the electronegativities, x4 and xp, 
and B. An empirical relation of the following type was set up: 


ХА—Хв = VABO + а = 0.208 A + a 


bond dissociation energies are obtained in Kcal/mole, and since | ey — 
relation expresses the square of the electronegativity 
ecisan arbitrary Constant which is nearly zero for 
O and F. Since ХА—Хв is a difference, Pauling had to 
ed fluorine, the most 
4.0. It is obvious that 
уе Sense, 
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The definition given by Mulliken is simple and allows some understanding 
of the term. He equated electronegativity to the average of the ionisation poten- 
tial (I.P.) and electron affinity (E) of the element so that, 


electronegativity = mt E 


This definition appears reasonable since the ultimate ability of an atom to attract 
shared electrons should be the mean of the quantities related to the power of the 
free atom to (a) hold on to its own electron (= I.P.) and (b) to attract additional 
electron (= E). If the energies of the two resonating structures A-B*«——.A*B- are 
equal then we can write the following: 


IP. of B—E of A = LP. of A—E of B 
“LP. of A+ Eof A = LP. of B + Eof B 


The above situation will prevail when the electronegativities of the two atoms are 
equal. But if A is more electronegative than B, then: 


LP.of A + Eof A > LP. of B + E of B 


These arguments support the Mulliken definition of electronegativity. 

When ionisation potential and electron affinity are expressed in Kcal/mole, 
then the sum of the two has to be divided by a factor 125 in order to adjust the 
Mulliken value to the Pauling scale. On the other hand, when the quantities I.P. 
and E are expressed in electron volts, each one has to be divided by 3.15 before 
calculating the mean value. Mulliken's approach, although more straightforward, 
is of limited utility since electron affinities are not known except in a few cases. 4 

Allred and Rochow started from the conception that an electron in а bond is · 
attracted by one of the two nuclei of the diatomic molecule according to Coulom- 
bic law: 

* 
Force — zt 
where Z* — 7— о, Z being the nuclear charge and c, the screening constant, Thus 
Z* is the effective nuclear charge felt by an electron of the bond, and r is the mean 
distance from nucleus. Z* is estimated from a set of shielding parameters set 
up by Slater and r is акей. as the covalent radius of the atom. Such forces are 
calculated for different atoms and are plotted against Pauling electronegativities. 
From the slope and intercept of this line the following equation is derived by 
Allred and Rochow: 


* 
Ветово = 03595 + 0.744 


This equation thus brings the Allred-Rochow electronegativities close to Pauling 
scale. Thus Allred Rochow electronegativity is the electrostatic force experienced 
by the valence electrons due to the positive attraction of the mother nucleus. 

A complete set of Pauling electronegativities is given in Table 4.3 for elements - 
in their common oxidation states. 
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In a group with increasing size, the nucleus is removed farther and farther 
from the'outermost (bonding) electrons. Asa result the electron dragging power of 
the positively charged nucleus decreases with increasing atomic number in a group. 
On the other hand, along a period the effect of increasing number of protons 
in the nucleus outweighs the effect of addition of electrons in the same principal 
quantum shell. Since electrons are added to the same principal quantum shell no 
increase in size сап take place. Instead a contraction occurs due to the enhanced 
dragging power of the nucleus as a result of increase im the number of protons. 
Hence electronegativity falls with increase in atomic number in a group, and 
increases with increasing atomic number along a period. Thus halogens are the most 
electronegative elements and the alkalies the least electronegative ones. If there is 
an appreciable difference in the electronegativities of two elements a bond between 
them is likely to be ionic. If the individual electronegativities are high and the difference 
between them is small the bond is likely to be covalent (Table 4.4). Electronegativity 
is also influenced by the oxidation state of an element: гле higher the oxidation 
state the greater will be the electronegativity. Thus sulphur in SF, is surely more 
electronegative than the sulphur in SCl,. Similarly quadrivalent nickel is more 
electronegative than bivalent nickel. That electronegativity varies with oxidation 
number is seen from the following data given by Pauling: Fe (11), 1.8; Fe (III), 1.9; 
Cu (1), 1.9; Cu (1) 2.0; Sn (1I) 1.8; Sn (IV) 1.9 ev), etc. 

Electronegativity seems to be influenced by the nature of hybridisation (Chap- 
ter 5) of the bonding atoms. Since s orbital is more penetrating than p orbital, 
therefore the greater the s character of the hybrid orbital the greater wiil be its 
electronegativity. The % s character in sp, sp* and sp? is 50, 33 and 25 respectively. 
Thus sp hybridised carbon in acetylene (H—C = C—H) is more electronegative 
than sp! hybridised carbon in ethylene (Н.С = CH;). The enhanced electro- 
negativity of carbon of acetylene will draw major part of the electron density of 
the carbon-hydrogen bond, thus making acetylene somewhat acidic in nature. 


Table 4.4. Electronegativity and Bond Type 


Electronegativity Interaction Bond type 
А B 
Low High Electron transfer ionic 
High High Electron pair sharing covalent 
Low Low Free electron sea or col- : ‚ 
lective electron orbitals metallic 


(like molecular orbitals) 
RS Ку ЫЫ ee wa УНО eg aT aE 5 да пи иди О НК ү: 
That the greater the electronegativity difference between the bonding elements 


the greater is the ionic character of the bond is shown in Fig. 4.3. id 
Per cent ionic characters of the halogen hydrides and the electronegativity 
differences between the hydrogen and the respective halogens are given below. 
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Dipole moment and bond length allow us to make a rough estimate of the per 
cent ionic character (Section 5.4). 


Hydride HF HCI HBr HI 
Electronegativity difference 1.9 0.9 0.7 0.4 
Per cent ionic character 46 Ly Bh eh be 5 
100 
75 
5 
$ 50 
E 
o 
g 25 
E 
Mara 1 2 3 


Electronegativity difference. 


Fic. 4,3. Variation of percent ionic character with 
electronegativity difference 


4.4. IONIC RADII 


Ionic radii correspond to the radii of ions in ionic crystals. Isolated ions are 
difficult to obtain for physical studies and such isolated ions will be very much 
different from ions in crystals. Chemists are interested in ionic radii such that the 
sum of two radii is equal to the equilibrium internuclear distance between the corres- 
ponding ions in a crystal. Physical measurements, such as X-ray, on ionic crystals 
provide data on the internuclear distance of the two opposite ions of the ionic 
compound. Thus rubidium ion and iodide ion are separated by a distance of 3.64 A, 
and potassium and bromide ions by 3.29 А. Unless one has a knowledge of the 
ionic radius of one of the ions of each of the above pairs, the above X-ray data are 
simply useless. In order to solve such difficulties lithium iodide crystals were 
examined. Lithium ion being the smallest possible mono-positive metal ion in the 
Periodic Table, it was reasonable to assume that in lithium iodide, the very much 
larger iodide ions (Li+, 0.60 A; I-, 2.16 A) will be touching each other in the crystal 
lattice. The half of the iodide-iodide internuclear distance in lithium iodide, there- 
fore, provides a reasonable value for the ionic radius of the iodide ion. Thus fixing 
a standard at iodide ion, the ionic radius of rubidium ion in rubidium iodide could 
be calculated. Suitable choice of ionic compounds, and measurements on them 
have provided a long list of ionic radii. i 

Pauling also brought in some Semitheoretical approach in this area. He 


assumed that the size of an ion is dictated by the distribution of the outermost 
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outermost electrons will be a function of an effective nuclear charge Z*, rather than 
the nuclear charge Z. On this basis the ionic radius, r, of the jon is given by 
т = C,/Z* 
with С» being a constant determined by the total number of electrons in the noble 
gas configuration attained. For isoelectronic ions in chemical combination (eg: 
NaF) the constant term is the same for both the ions. Therefore 
r(Na*) | Z*(F-) 
-r(F-)- Z*(Na*) 
The effective nuclear charge (actual nuclear charge minus the screening effect 
of the other electrons in the ion) for sodium ion is 6.48 and that for fluoride ion 
is 4.48, so that 


r(Na*) _ 4.48 
r(F-) 648 


The experimentally obtained internuclear distance in sodium fluoride is 2.31 A, 
so that the above relation yields the ionic radii values for Na* and Е- as 0.95 A 
and 1.36 A respectively. 


4.5. ATOMIC AND COVALENT RADII 


These are often used synonymously. Our knowledge of the electrons has 
Shown that they can be discovered almost anywhere around the nucleus, although 
there is a most probable distance from the nucleus where they are most likely to 
be found. It is therefore not possible to define precisely the contour of an isolated 
atom. When atoms approach each other in solid state, they take up equilibrium 
positions such that repulsions between positive nuclei is balanced by attractive 
forces of chemical bonds. Under such conditions atoms assume finite size and 
atomic radii become half the internuclear distance separating the like atoms. 
Physical measurements again furnish data for interatomic distances in free elements 
(e.g: Na, K, C) and diatomic molecules (F;, СІ,). If the atoms of metals are assumed 
to be spherical, a radius can be calculated for each atom in the metallic crystal 
provided we know the density of the metal, the nature of the unit cell and the 
number of atoms in the unit cell. The calculation of the atomic radii of metals 
is further based on the assumption that the metals form closest packed struc- 
tures. Atomic radii of metals are also often termed as metallic radii. 

In а homonuclear diatomic molecule (eg : Fs, СТ) there is a covalent bond 
holding together two atoms. The internuclear distance in such molecules is called the 
bond length. One half of this bond length is called the covalent radius of the element. 
Thus the bond length of hydrogen molecule being 0,74 A, the covalent radius of 
hydrogen atom is 0.37 A. The bond length of a covalent diatomic heteronuclear - 
molecule can: be calculated by adding the relevant covalent radii. The covalent 
radii of hydrogen and,chlorine are 0.37 A and 0.99 A respectively so that the 
bond length of HCl is given by 1.36 A, in rough agreement with the experimental 
value of 1.27 A. This covalent radius (0.37 A) of hydrogen does not truly hold when 
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hydrogen is bonded to other atoms. In such cases 0.28 A is taken as the covalent 
radius of hydrogen, which is obtained by subtracting the covalent radius of X from 
X—H bond lengths (eg : radius for H in HCI : 1.27—0.99 = 0,28 A). The carbon- 
carbon distance in diamond is 1.54 A so that the atomic radius of carbon is 0.77 A. 
Similar measurements in pure silicon gives an atomic radius/of 1.17 A. In a com- 
pound containing carbon and silicon single bond the C—Si bond length should 
be 1.94 А. Tetramethylsilane (CH,),Si has C—Si bond length of 1.93 A. 

It is to be noted that covalent radius of an element will change with a change 
in its covalent bonding pattern. A ‘C—C’ single bond radius (0.77A) is different 
from С = C double bond radius (0.66 A), which again is different from a C C 
triple bond radius (0.602 A). Jt may be remarked that as the bond length decreases 
with multiple bonding, the bond strength increases. Supporting evidence is the 
increase in bond energies in Kcal/mole (kJ/mole) with multiple bonding, for 
example: 


С—С, 83 (347) N—N, 38 (169) C—O, 84 (351) 
C=C, 143 (578) N=N, 225 (941) C=O, 173 (724) 
С=С 196 (820) 


For elements which do not form diatomic molecules with single bonds (eg: 
Ма has N = N) indirect methods are used to evaluate their single bond covalent 
radii. Measurements on methylamine H,C—NH, gives a C—N bond length as 
1.47 A. Subtracting from this bond length the C—C covalent radius (0.77 A) 
we have nitrogen single bond covalent radius as 0.70 A. 

The concept of covalent radii is quite useful so long as predominantly covalent 
molecules are concerned. However they are of little value when the compounds are 
predominantly ionic. Multiple bonding between two: atoms is indicated when the 
measured bond length is considerably shorter than the sum of the two single bond 
covalent raddi. 


4.6. VAN DER WAALS RADII 


When two atoms are bonded together through sharing of an electron-pair 
the bond is called a covalent bond. The forces giving rise to a covalent bond do 
not extend beyond the limits of the molecule. 
However a far weaker force operates between 
covalent molecules bringing them close enough 
to contact position. In such situation two kinds 
of internuclear distances can be detected. The 
first is the internuclear distance between the two 
nuclei forming the electron pair-covalent bond, 
This distance is the covalent diameter or double 

radius the covalent radius. Besides this, there is an- 
NN other internuclear distance between two nearest 
Fi, 4.4. Covalent radius and nuclei belonging to two nearest molecules. This 
van der Waals radius particular internuclear distance is called the van 


Van der waals 
radius 


covalent 
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der Waals diameter of the atom and half this internuclear separation is the van 
der Waals radius of the atom (Fig. 4.4). For further details see Chapter 5. 


4.7. COMPARISON OF RADII 


A 1156 of chosen ionic and atomic (covalent) radii is given in Table 4.5. The 
following generalisations concerning the sizes of ions can be advanced. 

1. A series of isoelectronic ions and atoms such as O*-,.F-, Ne, Nat, Mg** 
and А!" show a steady decrease in radius (1.40, 1.36, 1.12, 0.95, 0.65 and 0.52 А 
respectively) with increasing nuclear charge (8, 9, 10, 11, 12 and 13 respectively). 
The increased nuclear charge tends to pull the outer electrons close to the nucleus. 

2. The radii of negative ions are larger than those of the corresponding atoms 
(CI, 0.99 A and Cl-, 1.81 A). As there are not enough protons in the nucleus 
to control the electrons, the most probable distance of the electrons from the 
nucleus increases. 

3. Positive ions are considerably smaller than the atoms from which they are’ 
derived. A positive ion has a surplus nuclear charge which can squeeze the electron 
shells (K, 2.31 A and K+, 1.33A) 

4. Within a group of regular elements both atomic radii and ionic radii increase 
with increasing atomic number. This is due to addition of new quantum shells. 
Increased nuclear charge cannot force contractión of size since new principal . 
shells are added. 

5. Along a period the atomic (covalent) radius falls off with increasing atomic 
number. Increasing nuclear charge now becomes significant since electron addition 
to the same principal quantum shell cannot add to the size. Watch the following 
Series: 

Li Be B с N о Е 
1.52 111 0.88 0.77 0.70 0.66 0.64 А 


While the atomic (covalent) radius of fluorine is 0.64 A that of neon is 1.12 A. 
There is nothing surprising here. The covalent radius of fluorine is half the inter- 
nuclear distance between the two covalently bonded atoms in Е,. Since neon is 
monatomic there is no covalent interaction. Hence its atomic radius really is almost 
its van der Waals-radius. 

In the context of these general rules the reader may have a criticallook at the 
transition elements. Let us compare aluminium (15° 25° 2р° 35% 35") with gallium 
(152 252 2p* 35° 3p* 3d! 4s? 4p!) in the same group. The atomic number has increased 
from 13 to 31. Being members of the same vertical group gallium is expected 
to have an increase in atomic radius over that of aluminium. However the results 
show a different story (Ga, 1.26 A; Al, 1.26 A). The explanation lies in appreciat- 
ing the role of d orbital electrons. Calcium (15% 25% 2p? 35° 3p* 45%) expectedly 
has an atomic radius (1.97 A) larger than that (1.60 A) of magnesium (1525? 2p* 
357), After calcium the d level electrons continue to be added. The radial distribu- 
tion functions show that 3d electrons do not extend beyond the 4s electrons. There- 
fore whatever number of such 3d electrons are added to the calcium structure 
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Table 4.5. Atomic and Ionie Radii 


Atom Atomic Radius (A) lons Ionic Radius (A) 
H 0.37 (0.28) H- 2.08 
He 0.93 i. Jon 
Li 1.52 Li* 0.60 
Be 1.11 Вез+ 0.31 
B 0.88 ps* 0.20 
С 0.77 
N 0.70 №- 1.71 
о 0.66 О2- 1.40 
Е 0.64 Е+ 1.36 
Ne 1.12 We zs 
Na 1.86 Na* 0.95 
Mg 1.60 Мр?+ 0.65 
АІ 1.26 AP* 0.52 
Si 1.17 5+ 0.39 
Р 1.10 р5+ 0.34 
S 1.04 S*- 1.84 
CI 0.99 ci 1.81 
Ar 1.54 re AI 
K 2.31 K* 1.33 
Ca 1.97 Са?+ 0.99 
Вг 1.14 Вг- 1.95 
Rb 2.44 , Rb* 1.48 
Sr 2.15 5г2+ 1.10 
І 1.33 у I- 2.16 
Cs 2.62 Cs+ 1.69 
Ba 2.17 Ba?+ 1.29 


es QUEE. 
they cannot increase the size, instead the increasing nuclear charge coupled with 
poor screening effect of d-electrons brings about a slow contraction in size. This 
slow contraction in size is also reflected in their ionisation potentials, which either 
show a slight increase or remain within a short range. (Sections 10.11.2 and 22.2.1). 
Alongwith this discussion it is necessary to impress that such contraction 
is even more important in the series of lanthanides (atomic number 57 to 71) which 
have their extra electrons occupying an inner 4f shell. The result is obvious. These 
electrons hardly add to their size, instead the nuclear charges pull very effectively 
all the electron shells, thus leading to lanthanide contraction. The poor shielding 
capability of d and f electrons can hardly cope with the increasing nuclear charge. 
Some van der Waals radii are shown in Table 4,6. The van der Waals' radii 
are often close to the ionic radii of the corresponding anions. The only exception 
is the hydride ion (2.08 A). The hydride ion seems to be much too large com- 
pared to the isoelectronic helium (van der Waals’ radius, 1.2A). But we have to 
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remember that a H- anion has half the nuclear charge of helium and furthermore 
the two s electrons being good shielders, protect each other to a large degree from 
the pull of the nuclear charge, so that the electron orbitals remain more spread 
out. 


Table 4.6. Covalent, Ionic and van der Waals Radii (A) 


Atom Covalent Radius Ionic Radius (A) van der Waals 
radius (А) 

H 0.37 (0.28) 2.08 (H~) 1.20 

о 0.66 1.40 (0-7) 1.40 

F 0.64 1.36 (F-) 1.35 

S 1.04 1.84 (5--) 1.85 

cl 0.99 1.81 (CI-) 1.80 

Br 1.11 1.95 (Br-) 1.95 

1 1.28 2.16 (15) 2.15 


_—————————— = ом 


STUDY QUESTIONS 


1. The ionisation potential of Rb is 4.18 ev, When its 5s electron is excited successively to 
5p, 5d, 5f and 5g levels the potential value decreases to 2.60, 0.99, 0,55 and 0.54 ev. Comment, 
Do you think this is a general case? 

2. A student states the sizes of atoms decrease along a period but increase along a group. 
Do you agree? T 

3. The first ionisation potential of sodium is the same as the electron affinity of Na* ion, 
Comment. 

4, Support or contradict the statement that the second ionisation potential of an atom can- 
not be equal to or smaller than the first ionisation potential. 

5. What is the difference between electron affinity and electronegativity? How do these two 
properties help us in predicting the ionic nature of compounds? 

6. Arrange the following bonds in an expected order of increasing ionic character: B-—O, 

C—O, с1–0, F—O, N—O, H—O, Na—O. 

7. Using the atomic radii in Table 4.5 calculate the interatomic distances іп ССЦ, SiCI,, LiCl 
and NaCl. Compare your results with the experimental values given in parentheses: For Li and 
Na use as atomic radii half the metal-metal interatomic distances Li (1.57A) and Na (1.85 A). 

CCI, (1.77), SiCI, (2.01), LiCl (2.57) and NaCl (2.81). Comment on the results. 

8. The ionic radius of Cl- is greater than the mean of the radii of F- and Br- whereas that 
of Br- is less than the mean of the radii of Cl- and 17, Discuss. 

9. Compare the sizes of a neutral atom and its negative ion. Explain the extraordinary -diffe- 
rence in size of the hydrogen atom (0.37 A) and H+ ion (~ 1073 A). 

10. Compare the ionic radii of Na*, Mg?* and of S*- and СГ. 

11. The successive ionisation potentials of boron are 8.29, 25.15, 37.92, 259.3 ev. Why the 
fourth potential is so high compared to the first three? 

12. A study of the electron affinities of Na and H would militate against the formation of 
sodium hydride with hydrogen as the anion. How do you reconcile? 
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13. What evidence do you have to substantiate that the electrons belonging to an atom 
possess different energies? 

14. What do you mean by the terms (i) covalent radius (ii) ionic radius? How do the covalent 
and the ionic radii vary along a'group and along a period of the periodic table? What are the 
factors involved in such variations? 

15. Explain which one of the following pairs will have the larger radius? (а) Н, Н+ (b) Н, H- 
(с) Nat, Cs* (d) О, O*- ? 
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The Nature of the Chemical Bond 


The nature of the chemical bond forms the subject matter of this Chapter. 
We will define a chemical bond as the force holding together two atoms or groups 
of atoms forming an aggregate of ions, or molecular species such that there occurs a 
lowering of energy. Such definition permits us to discuss chemical bonds under 
the following three classes: 

1. The ionic bond (also called electrovalent or electrostatic bond), 2. The 
covalent bond and 3. The metallic bond. 

It will be proper to warn at the outset that these three bonds represent only 
three extreme types of forces between atoms. There will be many chemical com- 
pounds whose properties would indicate bonds of intermediate types. The discus- 
sion on the above bond types will be followed by a short resume on the various 
intermolecular forces, often expressed as van der Waals forces. 


5.1. THE IONIC BOND 


[t is well known that sodium and chlorine react vigorously to yield crystals 
of sodium chloride. Crystallographic studies have shown that there is no discrete 
NaC! molecule in the crystal lattice; instead each sodium ion (Na*) is surrounded 
by six chloride ions (Cl-) and vice versa. This packing of two ions is repeated 
throughout in а non-ending pattern. The two oppositely charged ions are held 
together by means of electrostatic forces of attraction. Each neutral sodium atom 
Ма? loses one electron to form a unipositive sodium ion (Na*). Similarly a neutral 
chlorine atom (СТ) gains one electron to form a uninegative chloride ion (СТ). 
The two ions Na+ and Cl- then build up a close packed type ionic crystal structure. 
Conceptually we find a transfer of electron from sodium atom to the chlorine 
atom: 

Na? —. Nat + e; CP + e— С Nat + CI- > NaCl 
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Ionic bonds are thus electrostatic forces that bind together oppositely charged 
ions formed by the transfer of electron (s) from an electropositive metal to an elec- 
tronegative non-metal atom. 

Let us now examine the motive of the above two elements behind the reaction. 
An examination of the electronic configuration of the elements and ions shows 
that both the ions have attained noble gas configuration, 


NA i ike Ne 
Na t ја 1. E X ум 4 t 1, эр 3 (ike Ne) 
а t{XRUNNADN SF 
13725. 2p 2p. 2p 38 13р 3p. Зр 
ati PRN UM Е ска 


Zi 


2s 2p 2p 2p 3s 3p 3p 3p 


The noble gas elements have filled subshells, and their chemical inertness points 
to the stability of their electronic configurations. The truth of this is strikingly 
shown by their high ionisation potentials and very poor electron affinities, Апат- 
ment of stable noble gas electronic configuration is thus the clue to chemical reactions. 
Such conclusion helps us to predict which elements are most likely to form ionic 
compounds, The elements which have low ionisation potentials are the best candi- 
dates for forming positive ions (cations). Similarly the elements which have high 
electronaffinity are most likely to form negative ions (anions). Factors that in- 
fluence ionisation potential, electron affinity and electronegativity also influence the 
formation of ionic compounds. It is possible to draw the following conclusions: 

(а) The lower the charge on the cation the better is the chance that an ionic 
compound will be formed, The lowef the charge on the cation the lower is the 
ionisation potential. 

(b) The formation of ionic compounds is favoured by large size of the metal 
atom or ion since an increase in size is associated with a decrease in ionisation 
potential. 

(c) Small size and low charge on the anion will favour ionic compounds 
because these factors are associated with increasing electron affinity and electro- 
negativity. ы ; » 

The above discussion gives us a rough guide as to when to expect an ionic 
compound. Unexpected results are sometimes observed. For instance, the second 
electron affinity of oxygen is negative, yet it forms stable, ionic compounds with 
alkalies or alkaline earths. Clearly there must be other factors which play signi- 
ficant roles in the formation of ionic compounds. 


5.1.1. Lattice Energy. Mere formation of oppositely charged ions does not 
lead to an ionic compound. In an idealised ionic compound there is considerable 
electrostatic force operating between the cations and anions, consideted to be hard 
Spheres. When these cations and anions are brought together in large and equal 
numbers they will arrange themselves in a regular pattern so as to attain a close 
packed type structure. While attaining such structure energy is liberated and thus 
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the system gets stabilised. The energy liberated when the ionic crystal lattice is 
formed from an assembly of ions is called the lattice energy. Conversely work has 
to be done on the ionic crystal to disperse the crystal into an assembly of widely 
separated ions. 

The elementary physical picture of ionic compounds will indicate that along- 
side the attractive force between a cation and an anion there will also exist a re- 
pulsive force between them due to close approach of their electron shells. At equili- 
brium the ions will give rise to a close packed type system with the ions at a distance 
apart corresponding to their characteristic ionic radii. 

The electrostatic potential energy of a pair of ions considered as point charges 
Z*e and Z-e at a distance r is given by 


и = Z*Z-etlr 


In a crystal lattice, however, we have to take account of mutual potential energies 
of all the charges in the structure. The electrostatic potential energy. per pair of 
ions is: 

и = AZ*Z-e%/r; for univalent ions (carrying -+e and —e charges) и = 
—Ae*/r where A is a numerical constant called Madelung constant. This constant 
is dependent on the geometry of the crystal lattice and its evaluation is not 
simple. 

The repulsive force is represented by a term of the type B exp (—r/p) where В 
and p are constants for any one crystal. The lattice energy then takes the form: 


и = —AeVr + Bexp(—r/p) 
B can be eliminated by setting the condition that the equilibrium distance ro 


between adjacent ions is that which makes the potential energy a minimum. 
Then, 


B 
at) = de sento = 0 


“. B exp (—ryp) = Аерјте 


ime ( А 
omy, 0 (1—5 


The value of p is obtained from compressibility measurements while rọ is found 
out from X-ray crystallographic measurements. n is also seen that a small value 
of pjr, represents a rapid variation of the repulsive force with distance and con- 
sequently а small compressibility. An appreciation of the variation of lattice 
energies of alkali halides can be made from the following Table 54. Note that 
with increase in the 4— X distance.the lattice energy gradually falls off in a related 


serjes of alkali halides. 


kJ/mole = Kcal/mole x 4.184 
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Table 5.1. Lattice Energies of some Alkali Halides 


Alkali halide © A—X distance Calculated lattice Lattice energy from * 


(A) energy (Kcal/mole) Born-Haber cycle 

(kJ/mole) (Kcal/mole) 

(kJ/mole) 
LiF 2.01 —254 (—1062) —244 (—1021) 
LiCl 2.57 —196 (— 820) — 202 (— 845) 
LiBr 2.75 —184 (— 770) —192(— 803) 
Lil 3.00 —169 (— 707) —180 (— 753) 
СЕ 3.00 —175 (— 732) — 173 (— 724) 
CsCl 3.56 —150 (— 627) —158 (— 661) 
CsBr 3.71 — 143 (— 598) —150 (— 627) 
CsI 3.95 —135(— 565) —145 (— 606) 


5.1.2. The Born-Haber Cycle. Although lattice energy can be calculated from 
the relation given above, indirect estimates of the lattice energies are commonly 
made from what is known as Born-Haber Cycle of formation of an ionic 
compound, 

Let us take one gm. molecule of sodium chloride in the crystalline state. 
By expending an amount of energy equal to the lattice energy of sodium chloride, 
— Uwaci, the compound can be converted into a gas of ions Nat and Cl-. Nat 
can be converted to Na atom by the recovery of an energy corresponding to the 
first ionisation potential (Zya) of sodium. On the other hand, expending an amount 
of energy equivalent to the electron affinity (Ес) of chlorine atom will convert 


+ М CI" to Cl atom. If the gaseous sodium atom 

5 Na ЕТ n is allowed to condense to solid sodium atom. 
ay E ii Dom an energy Sy, (= heat of sublimation) will 
ђе recovered. Similarly for chlorine atom 

Мас! Ма "Tr C) Dc (D = heat of dissociation of chlorine 


LI 
ч or in ја per gram molecule) energy will be recover- 
- “Sya 7T c ed, Finally by allowing the solid sodium 
Nac} Ne + } atom to react with chlorine atom we get 
the heat of formation, of sodium chloride 
Fic. 5.1, Born-Haber cycle applied Оһась During the full operation of this 
to sodium chloride cycle total energy interchange will be zero. 
Therefore we have: 
= Омосі + Ест — In, — Sna —} Dci — Ома = 0 
0Омасг = E — Iya — Sya ра — Окас! 
АП the quantities on the right hand side being measurable the lattice energy of 
NaCI can be calculated: | 
Uw;ci = 85.8—117.9—26.0—28.8—98.3 = —185.2 Kcal/mole. Values cal- 
culated by the use of such Born-Haber cycle for some selected halides are included 
in Table 5.1. It will be noted that agreement with calculated values is satisfactory. 


solid LITT 


. 


— ap ftam 


THE NATURE OF THE CHEMICAL BOND 89 


у _ Thus, we see that the lattice energy, which is a measure of the stability of an 
ionic compound depends also on factors other than ionisation potential and 
electron affinity. 


у 5.1.3. Solvation Energy. When a cation or an anion in the gaseous state reacts 
with a solvent in the liquid state, energy is liberated. This liberated energy is termed 
solvation energy. When the solvent is water the liberated energy is called hydration 
energy: 

Z£X (g) -+ H,O (1) Z+* (ад) + hydration energy 
Water is a polar solvent (each hydrogen is 5+ while each oxygen is 877). A gaseous 
cation is attracted by the negative oxygen ends of the water molecules while the 
anion is attracted by the hydrogen ends. The greater the charge/surface area i.e. 
the charge density ofthe ion the greater will be the interaction i.e. the greater will 


be the amount of energy liberated. This explains why Li! has a higher solvation 


energy than Nat or K*. Again Mg?! has a higher hydration energy than Ba*' or 
Lit. For the same reason hydration energy cecreases from F~ to 17 ion. 
Interestingly there is a considerable difference in the hydration energies of F7 
and K* ions (Table 5.2), although they have the same ionic radius (œ 1.36А). 
This is due to the fact that F- interacts with the small hydrogen atom (with 5* 
charge) while K* ion has to interact with the much larger oxygen atom (with 
$--). More hydrogen atoms сап get around a F- ion compared to oxygen atoms 


around the K * ion. 


Table 5.2 Hydration energy of some common ions 


lon Hydration energy 


lon Hydration energy 

Lis —124.4 Kcal/mole F- —121 KCal/mole 
Nat — 97.0 9 — 87.0 

K* — 77.0 Br- — 80.0 

Mg?! —459.0 iis — 70.0 

Ba** —325.0 CIO, — 57.0 


5.1.4. Properties Associated with Tonic Bond 

1. Ionic crystal lattice is built up of oppositely charged ions. 

2. Since electrostatic forces of attraction are omnidirectional i.e. extend in all 
directions each ion tends to drag as many of opposite kind around itself. A non- 
ending array of alternate positive and negative ions exists. Hence no isolated dis- 
crete molecule exists in the crystal iattice; instead ‘giant’ ‘molecules’ are formed. 
Ionic bonds are non-directional. 

3. Ionic compounds are hard, and have high melting points and boiling points. 
This is because strong electrostatic forces have to be overcome in order to provide 
the necessary freedom of movement that characterises a liquid state. 

4. lonic compounds are soluble in polar solvents and insoluble in non-polar 
solvents, When an ionic compound is dissolved the crystal lattice is ruptured 
and the ions are held further apart in solution than in the crystal. During the 


„в ———є—є—є-—— 000 
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interaction of ionic compound with solvent, the lattice energy is lost but a solvation 
energy is gained due to the ions getting solvated. The negative end of a dipolar 
Solvent molecule, attracts the cation and the positive end faces the anions. A 
polar solvent like water can penetrate the crystal lattice of an ionic compound 
and can effect dissolution. The solvent character is decided by the dielectric con- 
stant of the solvent, and the higher the dielectric constant the better it is as a solvent 
for ionic compounds. Conversely a non-polar solvent does not possess the neces- 
sary dipoles to initiate dissolution of an ionic compound, It has a low dielectric 
constant. For further discussion see Chapter 9. 

5. Ionic compounds are conductors in fused state or in solution. In solid 
crystalline state such compounds are only poor conductors. In fused state an 
ionic compound is composed of ions which are not confined to fixed positions 
as in the crystal lattice, The freely moving ions can therefore permit electric 
conductance. 

6. The reactions of ionic compounds are reactions of their ions and these are 
instantaneous in solution. Common precipitation reactions used in analysis belong 
to the class of ionic reactions. 


5.2. THE COVALENT BOND 


It is easy to have an understanding of an ionic bond which is formed as a 
result of electrostatic attraction between oppositely charged ions. Conceptually 
it is, however, much more difficult to gain an understanding of covalent bonding. 
It is unreasonable to suppose that the bond holding identical non-metal atoms 
to each other, as in Н» or F, molecule, could be formed in the way sodium chloride 
is formed, Electron transfer seems more reasonable when two atoms with widely 
different electron affinity, such as hydrogen and fluorine, combine to form the 
compound HF. The properties of HF, however, differ widely from those charac- 
teristic of ionic compounds, Hydrofluoric acid is a non-conductor of electricity, 
is low boiling etc. Lewis Suggested that such non-ionic molecular compounds 
(Hs, Fa, HF etc) are formed as a result of sharing of electrons between atoms 
whereby each atom can attain a noble gas configuration (that is either two electrons 
asin Helium, or an octet in the outermost Shell like the other noble gases). 
A covalent bond may be defined as a force holding together atoms through sharing 
of electrons, | 


5.2.1. Lewis Representation of Covalent Compounds, The hydrogen atom has 
the electronic configuration: 


H is! or i он. 


Тһе H represents the nucleus and the dot represents the one valence electron 


outside that nucleus. When two such atoms combine t. i i 
1 о form a diatgmic т 
the representation used is: us a8 v 


H:H or H—H 
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The two dots or the line (dash) between the two hydrogen atoms represents the 
covalent bond that holds the molecule together. Similarly the combination between 
hydrogen and fluorine atoms may be represented as: 


H+ se Sn: Р; or simply as H—F 


The line joining the two hydrogen atoms in H, molecule or one hydrogen and one 
fluorine in HF molecule does not mean that the two electrons forming the covalent 
bond are located at a fixed position between the two nuclei. In reality at any 
instant the electrons may be located at any of the various points between or around 
the two nuclei, although on an average there is a much greater probability of 
finding the electrons between the two nuclei than at the far ends of the molecule. 
A point that is conveyed by the line or dash in H, or in HF is that there is a two- 
electron single bond between the atoms and that each of the atoms contribute 
one electron towards the bond. 

It is not essential that for covalent bonding the partners need to contribute 
equally. For example in the compound BF;.NH, both the electrons come from 
ammonia. Such a bond is called a coordinate bond and is represented by an arrow 
to draw a distinction from the equally contributed two-electron single bond, Here 
МН, is a donor while BF; is an acceptor. 


Бен БИН 
Meet 

к-б+: Мен F- Be Non 
bod EUR 


It should be made clear, however, that once a coordinate bond is formed it cannot 
be distinguished from ordinary single covalent bonds. The arrow still serves as a 


mental aid and will be used whenever we need to. 
Lewis representation may be extended to cover multiple covalent bonds also. 


Let us take the examples of carbon dioxide and ethylene СУН. With the follow- 
ing notations 


A, Ox and \*H 


we can write the following structures 


Ни H H 


x 


Y . x . x ~ x | 
x0. «€- «Of ог :6–6—0:; Hv "С: +C+ x«HorH-C-C—H 


Unfortu Bine of the structures allows noble gas (octet) configuration to 
oxygen or to carbon. However the octet rule can be most simply satisfied if a 
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second covalent bond is formed between carbon and oxygen in СО,. and between 
the carbons in C4H,. 


x | H н н 


owe О; or0O—C-—O:H é а Hone би 
~ x orO—C-—O;H—C—— о In 
OIN S ZN 


5.22. Valence Bond (VB) Theory of Covalent Bond. We have so far not attemp- 
ted to answer the logical question as to why at all sharing of electrons gives rise 
to the formation of a stable bond. The exact answer lies in quantum mechanics. 
We will endeavour to offer an explanation in popular language. 

Let us consider the covalent bonding in the diatomic hydrogen molecule. 
Each hydrogen atom consists of a one-proton nucleus and a single 1s electron. 
We assume that nucleus A and electron А constitute the hydrogen atom H4 and 
that nucleus B and electron B make up the second hydrogen atom Hy. As the two 
atoms approach each other in addition to the Coulombic attraction between each 
nucleus and its own electron, new Coulombic attractive forces begin to operate 
between nucleus A and electron B, and between nucleus B and electron A. Again 
Coulombic repulsive forces also exist between the two electrons, and between the 
two nuclei. 

At large distances of separation the system consists of two non-interacting 
hydrogen atoms. As the atoms Mp each other the electrical potential energy 
is converted into kinetic energy. As the 
distance decreases, the conversion is more 
rapid. A critical internuclear distance is 
ultimately reached, at which the potential 
energy of the two-atom system reaches a 
minimum (Fig. 5.2). At this distance 
(0.74 A) the attractive forces balance the 
repulsive forces and a stable Н, molecule 
results. When the internuclear distance 
falls below 0.74A the repulsive forces 
predominate and the molecule becomes 
unstable. A discussion on the nuclear 


EUM pce H, molecule 


i 


074A binding forces in Chapter 12 will show 
Increasing internuclear distance that there exists a proton-proton attrac- 
tive force only within the very short 


Ехо, 5.2. Potential energy curve for 
hydrogen molecule nuclear range of 10-12 cm. Below 0.74A 


(1A = 10-* cm) the forces are still elec- 
trostatic in nature and because of the proximity of the two protons the proton- 
proton repulsion very much out-weighs the attractive forces of one proton over 
the electron of the other atom. The result is dissociation of Н, molecule into 
atoms. 

At the optimum internuclear distance of 0.74A each nucleus exerts an attrac- 
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tive force on its own electron as also on the clectron of the other atom. Conse- 
quently the two electrons forming the covalent bond are shared by the two atoms. 
Quantum mechanically we say that there is a very high probability of finding the 
pair of electrons in between the two atoms. The higher the probability the stronger 
is the bond, that is, the greater is the energy necessary to break the bond. In terms 
of orbitals of the two electrons, there occurs a significant overlap of the two 15 
orbitals of the two hydrogen atoms, such-that one electron originally confined 
to a single orbital can now spread itself over the other orbital (Fig. 5.3). Thus 
the two electrons of H4 and Hg now have a common orbital and allowing accord- 
ing to Pauli principle no more than two electrons per orbital, it follows that the 
clectron spins of H4 and Hg have to be opposite if they arc to share а common 
orbital. In the case of two hydrogen atoms with their electron spins parallel there 
is no minimum inthe potential energy curve (Fig. 5.2) і.е. по Н, molecule is formed. 
Therefore in order that a covalent bond may be formed between two atoms a necessary 
condition is that each of the atoms must possess an unpaired spin. 

This general approach which emphasizes overlap of verla Дао: 
atomic orbitals of individual atoms is referred to as Valence t 
Bond (or Atomic Orbital) method. Covalent bond forma- 
tion thus can occur between two hydrogen atoms, between 
two fluorine atoms, and between one hydrogen atom and 0 
а fluorine atom since each fulfils the criterion of having 
one unpaired electron in its outer orbital. But no such mole- 
cule formation can take place between two helium atoms 
since helium has a configuration of 15°, that is, a filled 15 shell 
with no unpaired spin. 

This approach works well for very simple cases only. 
This simple pure atomic orbital overlap approach fails when 
we come to molecules like methane, boron trichloride etc. 
In order to cover these cases under the same overlap framework, hybridisation 
of pure orbitals has been invoked as a step preliminary to overlap of orbitals. 
Hybridisation of atomic orbitals is largely the work of Pauling and Slater. 


Covalent bond 


Fic, 5.3. Overlap of 
two Is orbitals 
in Н, molecule 


5.2.3. Hybridisation of Atomic Orbitals. Simple valence bond theory requires 
the presence of unpaired electrons in an atom to enable it to participate in covalent 
bonding. This condition immediately limits the number of covalent bonds to the 
number of unpaired spins in an atom. The electronic configurations of Be, B, C are: 


Be 1522s? or i + 
B 1s?2s?2p! . or i i t 5р 2 
€i ар ог і 4t i ip 


We are tempted to conclude that beryllium, boron and carbon are capable of 


m 
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forming 0, 1 and 2 single covalent bonds only. Yet experimental 'evidences show 
that beryllium, boron and carbon do form 2 (in BeCl;), 3 (in ВС) and 4 (in CH,) 
covalent bonds and further that the covalent bonds of the same element are all 
equivalent. 

In order to explain the formation of two equivalent covalent bonds by beryl- 
lium we assume that prior to reaction, one of the two 2s electrons of beryllium 
is promoted to the 2p level giving the excited state configuration: 


Be Lc 


Now that the excited beryllium atom has two unpaired electrons, it is capable of 
forming two covalent bonds by overlap with other orbitals. But as it stands, the 
two bonds will not be equivalent since one will involve an s bond the other a p 
bond. Experiments show that the bonds in BeCl, are linear and completely equi- 
valent. Quantum mechanical calculations have shown that one s orbital and a p 
orbital can be mixed to generate two equivalent orbitals at 180° to each other 
(Fig. 5.4). These orbitals are called hybrid orbitals and carry the symbol sp to 
indicate their origin. (It may bc added that crystalline BeCl, is polymeric and 
approximately tetrahedral but at ~ 750° it is monomeric and linear). 

One might object to the promotion of a 2s electron to a 2p orbital as being 
improbable on energy considerations. However, the energy released when the 
excited beryllium atom forms two stable bonds with another element (say chlorine) 
more than compensates the energy of promotion. 


sp Hybrid 
orbitals 


sp? Hybrid orbitals 


| Fic. 5.4. Formation of sp and sp? hybrid orbitals 
One 's and one ‘p’ orbital give two sp hybrid orbitals in (a). Note opposite each big lobe of 
a hybrid orbital there is a very small lobe. This indicates that the hybrid orbitals are very 1 
directional in character and the probability of finding the electron opposite the big lobe 
is very low. Similar is the case for other hybrid orbitals, e.g. sp? hybrid orbitals in (b), 
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Coming to the case of boron, promotion of an clectron from a 25 orbital to a 

2p orbital gives the excited state configuration as: 

B P m da 

Is 2s 2p" 2p 

Mixing of onc 2s orbital and two 2p orbitals provides three equivalent hybrid 
orbitals at 120° to each other. These are symbolised as sp? orbitals. Overlap of 
three such orbitals by chlorine gives the BCl, molecule with three equivalent bonds 
at 120° (Fig. 5.4). If the hybridisation scheme were not invoked then overlap of the 
three atomic orbitals would have resulted in three covalent bonds—two of which 
formed from two p orbitals, would be at 90° to cach other and the third obtained 
from the s orbital overlap would have stayed equidistant from the other two 
(minimum repulsion condition), cither at 135° on the same plane or at 90° in a 
plane at right angles to the plane of the other two bonds. 

Intuitive Introduction to Hybridisation of Atomic Orbitals: Although the origin 
of hybridisation of atomic orbitals lies in quantum mechanical calculations it can 
be introduced to an honours undergraduate with a simple preassumption of the 
shapes of the atomic orbitals and bond angles of a given stereochemistry. 

Of all thc atomic orbitals only the у orbital has no directional preference i.c. 
it is а spherically symmetrical orbital. АП the other orbitals have directional pre- 
Гегепсе. For example a pz orbital has its two lobes concentrated along the x axis. 
A d; orbital has two lobes along the z axis and a ring (or doughnut) along the xy 
plane ali around the nucleus. 

1. Linear Stereochemistry: In a linear ML; complex the two ‘L’ ligands are 
opposite to each other i.e. the LML bond angle is 180°. Since there has to be an 
overlap of two orbitals of M with two orbitals of L, it follows that the two inter- 
acting orbitals of M must be disposed at 180°. No two pure atomic orbitals are 
Known which are at 180°. Hence the concept of mixing suitable atomic orbitals 
of the metal ion. Let us assume that the two bonds are along the x axis. Then we 
can conceive of mixing the pz orbital since it has two lobes along the x axis. Next 
we have to involve the only other orbital available for this purpose, namely the 
‘s’ orbital since it is spherically symmetrical. Such mixing of pz and s will generate 
two hybrid orbitals which will be concentrated along the x axis. It is as if the ‘s’ 
orbital is equally shared by the two halves of the pz orbital and the resulting two 
hybrid orbitals will lie along x axis at 180°. In fact, two linear hybrids will be 
generated by mixing the ‘s’ orbital with any of the pz, py or pz orbital. 

Note also that mixing of ‘n’ A.O.’s generate “т” hybrid orbitals, 

1. Triangular (trigonal) Planar Stereochemistry: A complex ML, with a 
triangular planar geometry has L-M-L bond angle 120°. If we take the xy plane 
it follows that the three hybrid bonds equally share 360° around the metal ion 
in the xy plane. It follows that we have to pick up pz and Py orbitals as these two 
lie in the xy plane. With this we mix the non-directional ‘s’ orbital. Since three 
atomic orbitals will yield three hybrid orbitals, these three will not only stay in the 
Ху plane but will also encompass the 360° about the metal ion. Thus we see that 
the sp? hybrids will be at 120° to each other. 
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Note also that instead of taking the xy plane if we had taken the xz plane 
we would have to mix the ‘s’, ру and p; orbitals. So 5р? means s and any two of thc 
three p orbitals. 

III. Tetrahedral Stéreochemistry: A complex ML, with tetrahedral geometry 
has L-M-L angle 109°. How do we get at it? An intuitive approach tells us that 
over and above ML, we have to raise the coordination number to four by adding 
one more atomic orbital to the planar sp*. Since ML, is no longer planar we have 
to mix one such orbital which is located above and below the plane. Such an orbital 
is the pz. As soon as we bring in pz, it will force the three sp* hybrids so that all the 
four hybrid orbitals will be equivalent at the same bond angle. Thus the three planar 
hybrid orbitals will be pressed below the xy plane to generate a tetrahedron. 

IV. Square Planar Stereochemistry: А square planar ML, complex has all thc 
four bonds in the same plane with the bond angle 90°, We start from the triangular 
planar ML;. To this we have to add one such atomic orbital which is also located 
along the same plane and whose lobes are preferably directed towards the four 
corners of the square plane. Assuming the xy planc as the molecular plane, wc 
find on inspection that no p orbital can do so. But there is a ‘d’ orbital namely 
the d,*_,? orbital which has its four lobes directed along the x and y axes. Hence 
mixing of s, pz, py and dz?" i.c. dsp? hybridisation will give us four equivalent 
planar hybrid orbitals. 

V. Octahedral Stereochemistry: A perfect octahedron has all the six bonds 
equivalent and may be guessed to be formed by the mixing of two axial orbitals 
pz and а, with the square planar dsp*. So we write it as d? sp?, 

So the different atomic orbitals involved in the different hybrid orbitals are 
summarised below: 


Hybridisation Atomic orbitals 
эр, sp* 5 + arbitrary p^ 
sp? 5 + Pz + Py + D, 
Фра а?у + 5 + pe py 
disp ах? — ада} рә рур 


Below we summarise the common hybrid orbitals and their directional pro- 
perties (Table 5.2). It should be noted that spatial arrangement fixes the shape 
of the resulting compounds. The usefulness of hybrid orbitals model in predicting 
the Shapes of simple covalent molecules has been described in Chapter 6. Their 
utility in predicting the valence and stereochemistry of coordination complexes has 
been discussed in Chapter 10. 


Table 5.2. Hybrid Orbitals and Directional Properties 


Number of Covalent Hybrid Orbitals Spatial Arrangements Examples 


Bonds 
2 sp linear (180°) HgCl 
3 зр? trigonal planar (120°) BEL б 
4 { sp? tetrahedral (109°) СН, 
Я dsp? square planar (90°) рае 1] 
6 d?sp? сећи (90° and 180°) SF, 
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Now а linal point about orbital hybridisation should be noted. Hybridisation 
should not be considered as a process that atoms go through. Instead hybridisation 
isa means of modifying the orbital overlap model to explain the formation of 
certain molecules. Electron waves know nothing about hybridisation. Electron 
waves and nuclei merely arrange themselves according to the forces that operate 
on them. The concept represents our mental model to cxplain best the results 
of sophisticated experiments on structure determination. 


5.2.4. Valence Bond Description of Multiple Bonds. Lewis formulation of CH, 
molecule involves а double bond between the two carbon atoms and two 
single bonds each between the hydrogens and carbon. Leaving aside the question 
of the second bond between two carbons, cach carbon assumes three equivalent 
planar bonds: two of these arc directed to two hydrogens and the third to the 
other carbon. These three equivalent bonds arise out of sp? hybrid orbitals of 
carbon. and a p orbital with an unpaired electron is left out of hybridisation scheme. 

b m unes 1 Trot 
t L ap % 7 hybridises to 1 xi sr) 3Gp) 5р 
The valence bond model suggests that the overlap of the p orbitals of the two carbon 
atoms results in the fourth bond in C,H, with the clectron density concentrated 
in two sausage-shaped regions, one above the plane of the molecule and the other 
below the plane of the molecule. 

The double bond area of С.Н, is composed therefore of two distinct parts 
having different election distributions. The sp? hybrid orbitals overlap has sym- 
metrical distribution of electron density about the carbon—carbon axis. Such 
bond with cylindrically symmetrical distribution of electron density around bond axis is 
called sigma (a) bond. In C iH, there are five sigma bonds. Bond in which the clec- 
tron density is not cylindrically symmetrical around the bond axis is called a pi (7) 
bond. in С.Н, there is оле pi bond, the electron density of which is distributed 
in awa particular regions above and below the carbon—carbonaxis. For az-bond 
the bond axis becomes a nodal plane. A nodal plane has zero electron density. 
Note that. the (о sausage-shaped regions together make one«-bond. The pictorial 
representation is (Fig. 5.5): 


ONE) 
Ds AN IN 
(6/ GLP 


(a) ^ (b) 


Fig. 5.5. (а) sp* hybrid orbital and pz orbital of carbon 
(b) valence bond modelof C;H, 
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We can extend our discussion of multiple bonding to acetylene, С.Н,. In 
acetylene each carbon is sigma bonded to one hydrogen and the second carbon. 
To satisfy the quadrivalence of carbon there exists a triple bond between the two 
carbons. This triple bond is made up of one sigma bond and two pi bonds. Each 
carbon is sp hybridised to give a linear H-C-C-H linkage. 

Tod NM att idi d unc den 

© АРД ОТЕ Ор ap. hybridises to = Jp) 2002) Py. P. 
One sp; electron forms a sigma overlap with the 15 electron of hydrogen and the 
second sp; electron makes the second sigma overlap with another sp; electron of 
the second ca? bon. The two 27, orbitals overlap to give one pi bond. Similar overlap 
of the 2p; orbitals of the two carbons makes the second pi bond. Thus acetylene is 
a linear molecule made up of three sigma bonds and two pi bonds. 

We have seen earlier (4.5) that bond length decreases with increasing mul- 
tiplicity of a bond. We can now state that addition of one (or two) «-bond (s) to 
а а bond decreases the bond length. 

Distinctions between sigma and pi bonds: 1. Because of a head-on overlap 
along the bond axis the sigma bond is stronger than a pi bond where the overlap 
is sideways and not along the bond axis. Note the energy of a C-C sigma bond 
is 83 KCal/mole while that of a С-С pi bond is 63 KCal/mole 

2. The electrons of the weaker pi bond are more spread out in space and are 
therefore more exposed to any chemical reagent. 

3. Due to cylindrical symmetry free rotation of atoms about a sigma bond 
is allowed. Similar rotation about a pi bond will lead to decrease in overlap because 
coplanarity of the pi orbitals overlap will be destroyed and hence rotation about 
à double or triple bond is hindered. 

4. A sigma bond.is cylindrically symmetrical about the bond axis but a pi 
bond is not so. 

5. A sigma bond determines the direction between the bonding atoms but 
a pi bond has no primary effect in this respect. 


5.2.5. Resonance. While presenting a simplified picture of the valence bond 
model of the hydrogen molecule we have referred to the interaction of one nucleus 
on its own electron as well as on the electron of the other hydrogen atom. Because 
of this and because of our inability to distinguish between the electrons of the 


two hydrogen atoms, four electronic structures may be written to describe the 
Н» molecule: 


HP——"Hy; H?——^H,; НА Hi; Hi :Hg 
I Hu ш IV 
Although we write four structures for the Н» molecule, none of these structures 
adequately describes the molecule. The molecule does not possess any of the four 
structures апу time in its ground state Ше. The actual structure is considered as 
ап intermediate, that is, a resonance hybrid of all the above four structures. All 
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the resonating structures (canonical forms) are assumed to contribute to the actual 
structure, the contribution depending on the particular structure. Of the above 
four structures it can be guessed that structures I and II will make equal and much 
greater contribution to the resonance hybrid than structures Ш and IV. Because 
of high ionisation potential of hydrogen the ionic structures III and IV make little 
contribution. 

Recalling the octet rule the following structures can be written for 50;. 


ER : oy О: -0: 
Td $ :5 i ; СА апа p 
у | = | 
боја :0: :0: О 


Anyone structure implies that there are two different kinds of bonds in the 50; 
molecule. We would expect that the oxygen attached by a double bond would be 
closer to the sulphur atom than the single bonded oxygen. Experiments show 
that both the sulphur-oxygen bond lengths are the same (1.43A) and is inter- 
mediate between a single bond and a double bond. The actual structure obtaining 
in SO, molecule is a resonance hybrid of the above structures. Other common 
examples where resonance structures can be written arc SO,, МО;“, benzene etc. 

The following points may be noted on resonance: 

1. Resonance forms (structures) do not imply different kinds of molecules. 

2. Resonance forms are anticipated when a molecule can be represented by 
two or more Lewis structures. 

3. In writing resonance forms the relative positions of the atoms must remain 


the same. For example, a structure : S — О = О: cannot be a resonance form — 


of SO, molecule. If we change the positions of the atoms we are not writing the 
structure of the same compound but doing so for an isomeric species. 

4. Resonance forms must have the same number of unpaired electrons. 

5. The actual structure (resonance hybrid) is more stable than any of the 
resonance forms. The amount of energy by which the actual structure lies below 
the more stable of the resonance form is called the resonance energy. Assuming 
that we have a system which can be represented by two structures of wave functions 
Чл and Уп we can write a ¥ for the actual system such that. V = aWVi*bPy, 
a and b being arbitrary numerical coefficients. A value of бја may be chosen 
such that the energy of the system becomes minimum—a value which will be lower 
than the lower of the two structures. This lowering of energy is the resonance 
energy. Appendix Ш provides the necessary quantum mechanical background. 

6. Resonance forms possess similar energies. 

7, All the resonance forms do not contribute equally to the actual structure. 
For example, of the following three structutes of НСІ molecule, 


H:Cl: pa ch pH а» 
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the contribution of the last one to the actual structure must be peer since chlorine 
is much more electronegative than hydrogen and is unlikely to be positive. 

8. Resonance forms differ only in the distribution of the electrons among 
the bonding atoms. 

Distinctions between resonance forms and tautomers: Tautomers are INO 
distinct i.e. different chemical species with the same empirical composition, which 
are in dynamic equilibrium. In tautomers there is no restriction with the relative 
positions of the atoms i.e. atom Positions are different. But in the resonance forms 
the position of the atoms are fixed and no equilibrium is involved. The commonest 


example of tautomers is keto-enol tautomers: 


CH, CH, 
С=О ыс-он 
н.с ыч Hc? 
С=О Nc-o 
Ze Pd 
H,C А H,C 
(keto) (enol) 


5.2.6, Molecular Orbital (MO) Theory of Covalent Bond. The valencc-bond 
model of the covalent bonding accounts for the stability of a molecule in ternis 
of overlap of atomic orbitals, With the introduction of hybridisation соп ept 
the theory can take care of the number of bonds formed by atoms and also of 
the angles between these bonds, Further, if we accommodate the concept of re- 
Sonance, valence bond theory is capable of explaining the structures of molecules 
such as SO, for which more than one Lewis structure can be written. 

Unfortunately the valence bond theory has its weak points too. For exaniple, 
diatomic molecular oxygen can be represented by the formula: 


6 = 0: 
The structure involves an overlap of two p orbitals of the two oxygen atoms to 
form a с bond and an overlap of two other p orbitais to form а т bond. It turns 


extent of two unpaired electrons. Valence bond theory also predicts that the B, 
molecule, with the structure :B—B: Should have no unpaired electron. Magnetic 
studies show that the molecule has two unpaired electrons. 


carbon alone, The VB picture is clearly an approximation. It appears more satis- 
factory to locate these electrons in molecular orbitals, orbitals which are character- 
istic of the molecule as a whole. In the derivation of electronic structure by this 
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method all the electrons are considered to belong to the molecule. Just as we 
introduce atomic electrons into atomic orbitals, molecular electrons go to mole- 
cular orbitals. The molecular orbital theory is largely the work of Mulliken. 
The necessary quantum mechanical treatment of the М.О, theory appears in 
Appendix ЇЇ. 

Several important features of the molecular orbital approach are enumerated 
below: i 

1. Atomic orbitals of the individual atoms can be combined to give rise to 
molecular orbitals. The number of molecular orbitals formed is equal to the 
number of atomic orbitals involved in the combination. In order that fruitful 
molecular orbitals can result, the energies of the atomic orbitals of the combining 
atoms must be close to each other. In case the atomic orbitals differ widely in 
their energies, then calculations show that the energies of the molecular orbitals 
become the energies of the starting atomic orbitals, that is, no effective combination 
of atomic orbitals takes place. 

2. Two atomic orbitals produce two molecular orbitals, one of which has an 
energy lower than that of the lower energy atomic orbital and the other has an 
energy higher than the higher energy atomic orbital. The lower energy molecular 
orbital is called a bonding orbital and the higher energy orbital is called an anti- 
bonding orbital (Fig. 5.6). It will be observed (Fig. 5.6) that the bonding orbital 
has a high electron density in the region between the two nuclei, accounting for 
the stability. [n an antibonding orbital the probability of finding ап electron in 


«ommzm 
Ра 
o. 
v 
[2 


um ~ 
Atomic Molecular Atomic 
Orbital Orbitals Orbital 


Fic. 5.6. Molecular orbitals formed by combining two 1s orbitals 


between the nuclei is very small; the electron density is concentrated at the far 
ends of the molecule. Since the nuclei are now less shielded from each other (be- 
cause of no electron density in between them) than they are in isolated atoms, the 
antibonding orbital is unstable with respect to the starting atomic orbitals. Since 
the electrons prefer to keep away from the bonding area the nuclei tend to repel. 
The electron density in both these bonding and antibonding orbitals is symmetrical 
with respect to the bond axis and therefore both are sigma (v) molecular orbitals, 
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Extension of these ideas to т type atomic orbitals would give bonding т molecular 
orbitals and antibonding т* molecular orbitals If x direction is taken as the bond 
axis then combination of two pz orbitals would give one bonding and one anti- 


2Px 

(C ж Сос 
(а) °2р, 
| a — aB 
Aay 


Ро, 5.7. Molecular orbitals formed from o and т type p orbitals 


bonding о molecular orbital. Combination of two Dy orbitals, and of two p; orbitals 
can provide two т molecular orbitals each (Fig. 5.7). 

3. Inner orbital electrons of the individual atoms do not participate in the · 
formation of molecular orbitals. Therefore the individual atomic nuclei along with 
their inner shell electrons are placed in proper bonding distance (for Н, at 0.74A), 
and then the remaining electrons are placed in the molecular orbitals. 

4. The sign (+ or —) of the wave function of the combining atomic orbitals 
is very important. When the overlapping lobes of the combining atomic orbitals 
have the same sign we get a bonding molecular orbital, dissimilar sign produces 
an antibonding orbital. In Fig. 5.7(a) the two Р» (po type) orbitals with ‘+’ 
sign on the overlapping lobes produces the bonding сг, molecular orbital. When 
the two lobes face each other with opposite sign we get the с*,, antibonding mole- 
cular orbital. In 5.7(b) the two py (pz type) orbitals with ‘+-’ sign on both the 
upper lobes and *—'sign on both the lower lobes we have a good bonding rp 
molecular orbital. With dissimilar sign the antibonding z*,; orbital is produced. 

5. Valence (that is, outer orbital) electrons are distributed among the mole- 
his orbitals the same very way as atomic electrons in atomic orbitals. Explicitly 
we find: 

(a) each. molecular orbital can accommodate a maximum of two electrons 

(b) electrons occupy lowest energy molecular orbital. Higher energy orbitals 
Will not be filled as long as low energy levels are available. 

(c) when two equal energy molecular orbitals are available electrons will 
tend to remain unpaired so long as they can avoid pairing. 

We can now proceed to examine a few simple molecules. The two 1s orbitals 
of two hydrogen atoms combine to give two molecular orbitals, о and o,*,. 
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Since the energy gap between the two molecular orbitals is big enough both the 
electrons remain paired in е; molecular orbital. Taking the example of O, mole- 
cule we have to accommodate а total of twelve electrons in the molecular orbi- 
tals. From the diagram (Fig. 5.8) there will be two electrons in each of the mole- 
cular orbitals суу, за“, Сара, Tapy and тэр. The next higher energy orbitals are 
7*,5y and z*,5, and both are of equal energy. Hence the eleventh and twelfth 
electron need not pair them. They will remcin unpaired one each in пору and 


Fic. 5.8. Molecular orbital diagram from Fic. 5.9. Molecular orbital diagram 
2s and 2p atomic orbitals allowing s—p interaction 

7*,5, orbitals, Therefore the molecule will show paramagnetism corresponding to 
two unpaired electrons. The diagram in Fig. 5.8 is however over simplified. It 
assumes that there is no interaction between the 2s orbital and the 2pz orbital. 
Since we assume x direction as the bond axis the symmetry of the molecule will 
permit some interaction between the 2s and 2p; orbitals, although they are some- 
what different in energy. Allowing for the s-p interaction a second diagram (Fig. 
5.9) can be drawn. Some common and simple diatomic molecules are included in 
Table 5.3 and the electron distribution in their molecular oribtals is examined 
according to Fig. 5.9. The reader may check that had we relied on the simpler 
diagram of Fig. 5.8, the B, molecule would have shown no unpaired electrons. But 
experiments show that the molecule carries two unpaired electrons. 

In the molecular orbital model it appears to be a somewhat difficult proposi- 
tion to keep track of the number of bonds formed. It is convenient to consider 


that a full bond between any two atoms is made up of two electrons. Thus we 
define as a theoretical quantity the number of bonds (bond order) in a molecule 
thus: 
(number of electrons in bonang MED of 
4 electrons in antibonding D 
number of bonds — [>к Add а T TIEREN ESSET PTT ET 


(bond order) 
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Table 5.3. Electron Distribution in Molecular Orbitals of some Simple 
according to Fig. 5.9. 


Molecules 


Molecule о(5р)у o*(sp), т(2р) o(sp) т*(2р) v*(sp)) unpaired electrons 


PM OUT 


o 
=е===>е= 
222222 
===>===>> 
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Effectively one electron in an antibonding МО is assumed to cancel out the bonding 
stability induced by an electron in a bonding MO. Using this definition we find 
in П we have one с bond, in O, one ø and опет, in №, one о and two т bonds. 


With reference to Fig. 5.8 and Table 5.3 we note that bond order 


(i.e. bond 


multiplicity) of O, is 2 while that of O,*-is 2.5. Again bond order of. №, is 3 but 
that of N,* is 2.5. Since bond dissociation energy (section 5.2.11) decreases with 
decreasing bond order we can safely predict that bond dissociation energy of О,“ 
will be greater than that of О, while the bond dissociation energy of N, will be 
larger compared to that of N;*. The relative bond dissociation energies of NO 


and N, are left to the reader as exercise. 


5.2.7. Properties associated with Covalent Bond 


1. Covalent crystal lattices are built up of molecules, instead of ions. Tsolated, 


discrete molecules are held together by weak van dec Waals forces. 


2. Covalent bonds are directional in nature. Consequently a close packed 
type system in the sense of ionic compounds cannot be formed. Covalent crystals 
have. open structures as opposed to close packed type structures of ionic com- 


pounds. 


3. Since covalent molecules are held together by weak intermolecular forces 


the crystal lattice can be more easily ruptured. They are soft and have lo 
and boiling points. 

4. Since covalent molecules are not made пр 
into polar solvents by ion-dipole interaction. However in special cases 
of covalent compounds in polar solvents may be facilitated through t 
of hydrogen bonding. 

In discussing solubility of covalent compounds organic chemists 
tule: like dissolves like. The intermolecular forces that hold together 


cules of a covalent solvent and the molecules of a covalent solute are si 
van der Waals type). Hence it is quite possible that the similar inter 


forces will be able to bind solute molecules to solvent molecules. Th 
non-polar covalent compound is likely to dissolve in non-polar organic 


w melting 


of ions, they cannot be dragged 


solubility 
he agency 


talk cf a 
the mole-. 
milar (of 
molecular 
erefore a 
Solvents. 
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For example methane will dissolve in carbon tetrachloride. Further, highly polar 
methanol is quite soluble in polar water. This time dipole-dipole interaction 
between H,O molecules, and between CH,OH molecules are similar. Dipole- 
dipole interaction can now operate between H,O and CH,OH molecules and hence 
the solubility of methanol in water. 

5. Covalent compounds are non-conductors. ‘ 

6. The reactions of covalent compounds in solution are characteristic of the 
whole molecule or of constitutional functional groups. These reactions involve 
rupture and formation of covalent bonds and hence are slow and have measur- 
able rate. 

It is interesting to note that the detection of covalently bonded elements 
(N, S, halogens) in organic qualitative analysis cannot be done unless these ele- 
ments are converted into ionic forms for which we have characteristic ionic reactions 
known. For this reason all organic compounds are decomposed by sodium fusion 
and converted to sodium salts of characteristic anions. 

The above properties are bui of pure covalent compounds. Exceptional 
behaviour will always arise in exceptional cáses. Diamond, for example, is a 
covalent substance made of non-ending tetrahedral sp? bonding between carbons 
themselves. Since a ‘giant’ ‘molecule’ is present all through the crystal lattice 
the substance sublimes at a high temperature ( ~ 3500°C). Silicon carbide, silicon 
dioxide also have comparable properties. The structure of graphite (see Part 1) 
shows a covalent layer structure but with mobile т electrons which gives it con- 
ducting properties. 


5.2.8. Deformation of Ions—Passage from Ionic to Covalent Bonding (Fajans* 
rules), Coulombic attraction between cations and anions in ionic compounds 
may in certain cases lead to considerable deformation of the ions. Distortion of 
electron distribution in a molecule or ion caused by another molecule or ion is 
known as polarisation. This deformation (polarisation) of 
ions may give rise to an appreciable increase of electron 


density in between the two nuclei--a situation leading to | 
covalent bonding (Fig. 5.10). The charge and size of the (9 


£z 
o 
cation and of the anion are responsible for such passage of 5 
an ionic bond to а covalent bond. The following rules are 5 Lag 
uscful: i Oe A 
1. The more highly charged a cation is the more effec- H "s 
tive it is in polarising the anion. Polarising power of a 5 


cation is dependent ou its charge/radius ratio and is greatest e) 
for small, highly charged cations. Polarising power varies 
as: B** > Bet > Lit. Fic. 5.10 

2. The more highly charged an anion is the more Polarisation of ions 
difficult it is to control the outer orbital electrons. It is there- 
fore casily polarised. 

3, The smaller the size of the cation the more efficient it is in polarising the 
anion: Lit > Nat > Kt \ 
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4. The latger the size of the anion the more difficult it is to control the outer 
electrons. A large anion is therfore easily polarised: I- > Вг- > Cl >t. 

5. Given the same charge and similar size a pseudo noble gas type cation 
(18 electron shell as in Cut, Ag* etc.) will be more easily deformed than a cation 
of noble gas type. This is due to the poor shielding ability of the d electrons of the 
pseudo noble gas cation. Аз a consequence such cations are easily polarised by the 
anions. However this polarising effect is to be regarded as of minor significance 
compared to other sources of polarisation listed above. 

These rules are known as Fajans’ rules and are good guides for predicting 
the types of compound to expect. We now discuss how well these rules stand out. 
The melting points and boiling points of some compounds are given in Table 5.4 
+ and Table 5.5. Melting points are indicative of the thermal energies required to 
separate oppositely charged ions (in the case of an ionic compound) or molecules 
(in the case of covalent compounds) so as to give to the compound the freedom 
of motion characteristic of the liquid state. 


Table 5.4. Melting Point (°C) and Boiling Point (^C) of some Compounds 


Compound M.P. B Compound M.P. B.P. 
NaF 988 1695 CF, —183.7 —129 
NaCl · 801 1413 + CCl, —22.9 76.7 
NaBr 755 1390 * CBr, 90 190 
Nal 651 1304 : CI, 171 decomp. es 


Table 5.5. Effect of Tonic Size and Charge on Melting Point (^C) 


Compound Charges on the ions rt + r7 (А) МР. 
NaF +1,—1 0.95 + 1.36 = 2.31 988 
NaCl +1,—1 0.95 -- 1.81 — 2.76 801 
NaBr +1,—1 0.95 + 1.95 = 2.90 755 
Nal TUI 0.95 + 2.16 = 3.11 651 
MgO + 2,—2 0.65 + 1.40 = 2.05 2800 
Сао +2,—2 0.99 + 1.40 = 2.39 2570 
Вао +2,—2 1.35 + 1.40 = 2.75 1920 


Note that with carbon in ++ 4 oxidation state, ihe charge on the hypothetical 
cation is prohibitively large and as a consequence low melting and low boiling 
covalent compounds are formed (Table 5.4). 

Small charge and large size fora cation, and small charge and a small size 
of an anion are the best guarantee for an ionic compound. The variation in respect 
of melting points of ionic compounds is understandable from Coulomb's law. 
Тће attractive force between oppositely charged ions is given by: 


4\4» 
Pe qu E. 
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where q, and д» are the charges on the ions and r+ and ғ are ionic radii of the 
cation and the anion respectively. Given the same charge on the ions if the sum 
of the ionic radii increases the force between them will decrease and the com- 
pound will register a lower melting point. This is exemplified by the series NaF 
to Nal. On the other hand if the sum of the radii remains the same but the charge 
increases then force will increase and hence also the melting point. This is nicely 
shown by NaCl and BaO; by NaF and СаО (Table 5.5). 

The interionic forces are expected to be the largest for small ions of high 
charge. These extreme forces really lead to deformation of ions and an ionic 
compound passes on to a covalent molecule. 

For predominantly covalent compounds the melting points and boiling points 
are roughly functions of their molecular weights. This is demonstrated by the data 
in Table 5.4 for the halides of carbon. 

A change in the type of bonding is often detectable from a scrutiny of the 
melting points or boiling points. In Table 5.6 SnF, sublimes at 705°C which is 
far larger than the melting points of SnCl,, SnBr, and 5п1,. For the last three 
melting points increase with molecular weight (characteristic of covalence). Thus 
SnF, is to be regarded as an ionic compound, the other three being covalent, 
Aluminium halides also show a comparable trend (Table 5.6). 


Table 5.6. Melting Points (°C) of AIX, and SnX, 


TP SE en 
Compound Melting Point (С) Compound Melting Point (^C) 
dab г Bec Cw ee ЖАРЫЛ ЫШ ЛИ METTE 
AIF; 1291 sublimes SnF, 705 sublimes 
AlCl, 11/8. 5 SnCl, —33 
AIBrg 97.505. 3 SnBr, . 31 
АП, 191 » Snl, 144.5 


The higher the oxidation state of the cation the more is the covalent character. 
Compounds in lower oxidation states will be more ionic. This is exemplified by 
the melting points and boiling points of tin (+ 2 and + 4), lead (-- 2 and +-4) and 
thallium (+ 1 and + 3) (Table 5.7). In general, low oxidation states of metals are 
metallic and high oxidation states often have non-metallic properties. 


Tahle 5.7. Variation in Melting Point and Boiling Point with Oxidation States 
Compound M.P. (°С) В.Р. (°C) Compound M.P. CC) В.Р. (°С) 


SnCls 246 652 TICI 430 720 
SnCl, $133 114 | 

PbCl, 501 950 ТІСІ, 25 decomposes 
РЫСІ, —15 105 explodes 


The éffectiveness in forcing covalent character by a pseudo noble gas type 
cation as compared to that of a noble gas cation is shown by the data in Table 5.8, 
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Note also that although the melting points indicate what we expect, the boiling 
points do not lend unequivocal support. 


Table 5.8. Melting Points and Поа Points of Chiorides of some pseudo Noble 
gas type Cations. 


МР.СС) BPCO 


йй Т Compound Cation Radius (A) 


~ 


NaCl 9959) RSS 801 1413 
са 0.96 422 1366 
ка 1,33 776 1500 
AgCI 1.26 455 1550 
Caci, | 099 772 1600 
сас, 097 568 964 


5.2.9. Deformation of ions: Diagonal relationship in the Periodic Table. Con- 
' nected with the deformation of ions is what is called diagonal relationship in the 
Periodic Table. In the first two short periods we have three pairs of elements which 
show close similarity in their chemistry although they are members of different 
groups, These pairs are Li, Mg; Be, Al; and B, Si. We can reach magnesium from 


PONI NL AE 
SAMO: N 
у Ма d D p? 
lithium in either of two routes. A movement from lithium to beryllium raises the 
charge on the cation and further decreases the size of the cation. This helps in 
attaining a good degree of covalence in beryllium. But moving from beryllium to 
magnesium in the same group increases the size of the cation, charge remaining 
the same. Thus ionic bond is favoured. The overall effect of moving from lithium 
to magnesium is to arrive at an ion of similar deforining power. We get to the same 
conclusion if we first move from lithium to sodium and then to magnesium. Such 
diagonal relationship does not extend to other periods since with further increase 
in atomic number the size and charge vary rather less drastically and are not as 
much effective in polarising the ions as they are in the first two short periods. 
From the preceding section we have seen that interionic forces will be large 
when gq,/r* and q,/r-, that is, charge/radius ratio (ionic potential) is large. For 
pairs of elements showing diagonal relation it is expected that their charge/radius 


ratios should be close enough to lead to similar properties. The following data 
provide some clue (Table 5.9). 
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Table 5.9, Charge/Radius ratios of Diagonal pairs 


BRE EIE OHNE АЛШ А, Эду CS LL 
Li Mg Be А B Si 
Charge +1 +2 +2 +3 43 +4 Т 
Radius of the ion (А) 0.60 0.65 0.31 0.51 0.2 0.39 
Charge/radius (ionic | 
potential) 1.6. 3.08 6.4 6.0 15 10,3 


However charge/radius ratio may not rescue us always. For instance charge/ 
radius ratio of sodium is 1.05 so that lithium must have more resemblances with 


sodium than with magnesium. 


5.2.10. Ionic Potential and its Usefulness. The charge by radius ratio of a 
metal ion is called its ionic potential. As the charge by radius ratio gets Jarge we 
witness a large charge associated with a small ionic radius, А cation with a large 
ionic potential will be more electronegative and this property helps us to draw some 
general conclusions about variation of properties with changing ionic potential. 

1. If two elemcats are diagonally related and have close ionic potential then 
they will give rise to so-called diagonal relationship (see earlier section). 

2.. The larger the value of the ionic potential the greater is the tendency towards 
covalence and complex formation. This is what has been predicted by Vajans. 

3. Electronegativity increases with ionic potential, Hence the oxides of metal 
ions with higher ionic potential are likely to be acidie rather than basic, With 
increasing electronegativily the metal ion forms strong covalent bond with oxygen 


and hence in water such oxides liberate Н+ ions rather than ОН“ ion. (cf: 8.12.3) 

4. Carbonates of those metals with high ionic potential readily decompose 
on heating. This is due to the fact that the highly electronegative clement tends 
to drag au oxygen of the carbonate ion forming metal oxide and releasing carbon 


dioxide. 
5. Solvation or hydration cnergy is defined as the energy released when one 
seous state reacts with a given solvent or water 


gram ion of a metal ion in the ga: 
to produce solvated or hydrated ion. It is easily guessed that an ion with high value 
of ionic potential will tend’to form a solvo- or aquo complex more readily than 


an ion with a smaller ionic potential. In other words solvation or hydration energy 
increases with increasing potential. 
Bond Length and Bond Dissociation Energy : 


d length decreases. 
rgy increases. For sup- 


5.2.11. Bond multiplicity, 

1. As bond multiplicity (i.e., bond order) increases bon 

2. As bond multiplicity increases bond dissociation ene. 
porting data see section 4.5. 

3. Bond length depends also on the nature of 

al size: Size of a hybrid orbital is dependent on the 

orbital extends less in space about the nucleus com- 


hybridisation. 


Hybridisation and orbit 
type cf hybridisation. An 5 
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pared to a p orbital. Therefore the size of hybrid orbitals will increase in the order: 
sp < sp? < 8р because of increased participation of bigger sized p orbitals. Thus 
C-H bond length in the hydrocarbon ethane (sp?), ethylene (sp*) and acetylene 
(sp) are 1.112A, 1.103A and 1.08A respectively. Note that in sp, sp? and sp? 
hybrid orbitals the s and p characters are 50%, 50%; 33%, 66%; and 2594, 75% 
respectively. 

4. Bond length is also influenced by resonance : 

In the sulphate ion (see Part Il) all the four sulphur-oxygen bonds become 
equivalent through resonance and have the same bond length 1.44A. 


5.3. THE METALLIC BOND 


The metals constitute about three-fourths of the elements in the Periodic 
Table. It appears that elements with too little electrons in the outer shell but with 
too many orbitals behave as metals. Before we proceed to discuss the type of 
bonding in metals it is only wise to look into their special properties. 

High Electrical. Conductivity: The metallic elements have electrical conducti- 
vity, which is many thousand times greater than those possessed by non-metals. 
The high conductivity implies the presence of large number of mobile electrons 
which can move under the influence of an electric field. 

High Thermal Conductivity: Among solid substances, metals are by far the 
best conductors of heat. Our cooking utensils bear testimony to this property . 
of metals. 

Lustre: Polished metal surfaces are good reflectors of light, and hence the 
surface appears shiny. 

Emission of Electrons: Metals release electrons when they are heated sufli- 
ciently (thermionic emission) or when they are exposed to light of proper frequency 
(photoelectric effect). This property again indicates the presence of mobile elec- 
trons in metals. 

Formation of Cations: When reacting with non-metallic elements, metals are 
known to give cations, once again indicating that electrons are readily separated 
from the metallic lattice. 

Since all the atoms in a metal are alike it is most unlikely that one atom would 
release its valence electron to another similar atom. Simple localised covalent 
bonding by electron sharing between two metal atoms also cannot give an octet “ 
or noble gas structure. A valence bond picture with inclusion of resonance concept, 
and a molecular orbital approach have provided satisfactory explanations of 
many of the metallic properties. 


5.3.1. The Electron-Sea Model of the Metallic Bond. Crystal lattice of 
lithium metal consists of an arrangement of lithium atoms at the points of a body 
centred cubic lattice. Each lithium atom has as nearest neighbours eight other 
lithium atoms. Lithium-lithigm distance is 3.04 A. The atomic radius of lithium 
being 1.52 A, this distance indicates an electron-pair bond between two lithium 
atoms. Again quantum mechanical calculations give 3.02 A as the lithium- 
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lithium one-electron bond distance. Therefore lithium crystal may be pictured as 
involving both two-electron bond and one-electron bond. These bonds are not 
fixed, however, but resonate among the various pairs of atoms. 

The above picture of metallic bond implies that the bonding electrons are 
not tied to any particular pair of metal atoms, as is the case in usual electron-pair 
covalent bond, but ате spread out over a wide region. This concept is called the 
electron-sea model of the metallic bonding. Metallic lattice is thus composed 
of a regular pattern of positive metal ions (Li*, Cs*, Ba** etc.) firmly positioned 
in a sea of mobile electrons. The valence electrons can move about freely in the 
crystal lattice. 

This model can explain most of the metallic properties. Under the influence 
of an applied electric field it is possible for these loosely bound electrons to move 
through the lattice thereby conducting a current. Heat conduction is also a conse- 
quence of the freedom of motion of electrons. A higher temperature at one point 
means that the atomic cores at that point have higher kinetic energy than those 
at other points. The higher energy atomic cores transfer some energy to the mobile 
electrons, which in their turn transfer the energy to atomic cores at other distant 
points. Since the mobile electrons are not tied to a particular bond with a charac- 
teristic energy, they can absorb and reemit light of all wave lengths. A metal thus 
becomes a good reflector and we find an explanation of its lustre. In a metal crystal 
lattice, an atom is not greatly restricted in regard to the number and directions of 
the bonds it can form with its neighbouring atoms. As a consequence, even if the 
metal is deformed, it is capable of forming bonds as strong as the original ones. 


The metal structure thus permits healing, and we say a metal is malleable and 
ductile. Electron emission properties have a ready explanation in the mobile, 
ice on application of sufficient 


loosely bound electrons escaping from the metallic latt 


heat or light. à ; 
Although the electron-sea model qualitatively explains so many properties 


of metals, it stumbles on the question of molar heat capacity of metals. Itis difficult 
to explain why the molar heat capacity of metals is not considerably higher than 
that of non-metals. The mobile electrons are expected to make a significant con- 


tribution to the heat capacity. 


5.32. The Band Theory of Metallic Bond. Thisstheory is an extension of the 
molecular orbital theory to metallic structure. We recall that п atomic orbitals 
can be combined to give л molecular orbitals (Fig. 5.11), of which one-half will 
be of the bonding type and the other half will be of the anti-bonding type. In a 
metallic crystal л may be considered to be 6 x 1023 (Avogadro number) so that 
there are 3 x 10? bonding and 3 x 10% antibonding molecular orbitals. Since 
the starting atomic orbitals are of similar energy (in lithium it is the 2s orbital) 
the bonding and also the antibonding molecular orbitals give rise to a band consist- 
ing of a very large number of very closely spaced molecular orbitals. Remembering 
that each molecular orbital can accommodate only two electrons, it is expected 
that the lower half of the levels, that is, bonding molecular orbitals will be occupied 
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by electrons. The other half, that is, antibonding orbitals will remain. unfilicd 
(Fig. 5.11). 


Anti Bonding 


РОА A 


Сенте 2Centres 3 Centres n Centres 
(1 Atomic (2 Atomic (3 Atomic (n Atomic 
orbital) orbitals) orbitals) orbitals) 


' Bonding 


Fic. 5.11. Band formation of metal orbitals 


When a crystal of lithium is placed in an electric field, a few electrons acquire 
enough energy to move into the higher unoccupied antibonding orbitals. Thesc 
high energy electrons carry the current. The high conductivity of metals is thus 
attributable to the large number of antibonding molecular orbitals which differ 
slightly in energy from the electron-occupied bonding orbitals. The high energy 
electrons can also explain the other metallic properties. In addition this model 
explains why the electrons in a metal under ordinary conditions make only a small 
contribution to the heat capacity. When the temperature is raised the overwhel- 
ming majority of the electrons still remain in their original bonding molecular 
orbital and so absorb no heat. 


5.4. POLARITY OF MOLECULES 


А polar molecule is one in which there is a separation of the centres of gravity 
of the positive and negative charges. The molecule develops a positive and a 
negative pole. In an electric field the dipolar molecules tend to align themselves 
such that the positive ends face the negative pole of the electric field and the negative 
ends face the positive pole. The polarity of a molecule is quantitatively expressed 
as its dipole moment. Di ipole moment is defined as the product of the charge (8) and 
the distance (d) of separation of the charges (ће. p = 8х4). Perfectly non-polar 
compounds register zero dipole moment and the polar ones positive values 
(Table 5.10). Since the charge is usually of the order of the charge on the electron 
(4.8 x 1079 esu), while the distance of charge separation is of the order of ang- 
strom, a convenient measure of the dipole moment is in 10-2 esu А ог 1073 esu 
cm units, called the Debye unit (D). 

A binary homonuclear molecule has to be nonpolar since the bonding elements 
possess same electronegativity. Heteronuclear diatomics, as a rule, are polar due 
to a difference in their electronegativity. However electronegativity difference 
is not the only criterion of polarity. Polarity is also decided by the composition 
and geometry of the molecule. Thus the linear BeF, has widely differing electro- 
negativities in beryllium and fluorine. The fluorine ends have some resicual negative 
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Table 5.10. Dipole Moments (per molecule) of some.common Compounds 


Compound Dipole moment Compound Dipole moment 
(D) (D) 

н, 0 H,O 1.84 
Cl, 0 H:S 0.92 
CH, 0 NE; 0.20 
вс 0 NH; 1.46 
HF 2.00 ССІ, 0 

НСІ 1.03 CHCl, 1.15 
НВг 0.79 CH,Cl, ТА е TSO) 
HI 0.38 CH,Cl 1.86 


1 Debye (= D) = 10-18 esu cm = 10-"esu A 
A molecule wherein the unit positive and negative charges are separated by 0.21 A 
has а ies moment of one Debye. (In SI unit | D = 3.33 х 1079 coulomb 
metre А 


mete) a UR ME re eat ar aS ee те 
charge and the beryllium has residual positive charge (F8-—Beà** —F8-). The 
centres of gravity of the positive and negative charge coincide on beryllium. When 
we come to H,O the molecule is no longer linear but has H—O—H angle of 104". 
The molecule may be viewed to be formed by the overlap of two 5р? hybrid orbitals 
of oxygen (with an unpaired spin on each) 


rs dace а о Sip Een ДЕ: MR 
о A 96 ap 25 Ores 1o xis) Зар) Тор) 20Р) 


with two 1s orbitals of two hydrogens. There will be two lone pairs on the remain- 
ing sp? hybrid orbitals of oxygen. Owing to the greater electronegativity of oxygen 
the electrons of the H—O bonds spend more time around oxygen than around 
hydrogens. The dipole moment of H,O arises from two contributions: (a) from the 
electronegativity difference of H and O i.e. from the bond polarity and (5) from 


the lone pairs (Fig. 5.12). The sign —— indicates the direction of shift of 


electron density. 
A comparison of the magnitude Hs 
of the dipole moments of NH, (1.46 D) o 
and NE, (0.2 D) is also instructive. 2 ps 1 
The electronegativity difference be- 5 Ths pee 
tween nitrogen and fluorine is almost Der н—— 
the same as that between nitrogen H A 
and hydrogen. But in NH, the bond reed m 
polarity is such that nitrogen is | ; 
negative and hydrogens are positive к эда Биа OL НОЈЕ 
while in МЕ; the fluorines are nega- momentan HiO 
tive but nitrogen is positive. The direc- 
tion of bond polarity in N-F is opposite to that in N-H but in both cases the contri- 
bution of the lone pairs is in the same direction. The smaller dipole moment of 
NF, is thus explained. CCl, has four carbon-chlorine bonds arranged ina symmetric 


8 
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tetrahedral geometry around carbon and therefore despite each C— Cl bond being 
polar, the centres of gravity of all negative and positive ends coincide on carbon. 
ССІ, is thus non-polar. CHCl, has a different composition and charge distribution 
and hence the molecule is polar. The arrows in Fig. 5.12 and Fig 5.13 point towards 
Б the centres of negative charge. Ап interest- 
ing comparison can be made between СО, 
and SO,. While СО, has a zero dipole moment 
SO, has a good value. CO, is a linear mole- 
cule while SO, is a bent onc. Although there 
is a lot of difference in the electronegativities 
CCl4 CHCl of carbon and oxygen, the two bond polari- 
j ties of the two carbon-oxygen bonds act in 
Ег. 5.13. Polarity of CCl, and СНСІ,: Pi x E $ 
йуз indicate the direcioh atthe opposite direction. Hence the resultant effect 
centre of negative charge is. zero. In SO, the resultant of the two sul- 
phur-oxygen bonds act in opposition to the 
lone pair polarity. But the bond polarity is more than the lone pair pclarity and 
hence the molecule has a non-zero dipole moment. In paradichlorobenzcae the 
two C—Cl bond polarities act in opposite direction and hence it has no dipole 
moment. But chlorobenzene or orthodichlorobenzene has a dipole moment, the 
latter having a higher value 
We can utilise dipole moment data to gain an insight into the partial ionic/ 
covalent character of a heteronuclear diatomic molecule. HCl has a dipole moment 
1.03 x 1078 esu cm and its bond length is found from Table 4.5 to be 1.27 >x 10-* 
cm. Taking the H— CI bond length as the distance between the two charges. the 
charge (ô+ or 67) is then calculated as 0.8 х 1079 esu. If HCl were a purely ionic 
compound the charge on H and on Cl would be +1 or —1 (= 4.8 x 1079 esu). 
Then we have: 


0.8 x 1079 esu x 100 


ionic character in НС! = 48 x 1020255 17% 


Thus НСІ is largely a covalent compound. Оп the other hand LiH has a dipole 
moment of 5.9 D and a bond length 1.60 A. We can calculate a 77% ionic character 
indicating that the compound is predominantly ionic. Such simple calculations 
show the per cent ionic character to fall in the series of hydrohalides as: HF, 
46%: HCI, 17%; HBr, 12%; and HI, 5%. Note this is also the order of decreasing 
electronegativity from fluorine to iodine (section 4.3; Fig. 4.3). Note that the 
dipole moment rapidly falls from HF to HI although the bond length increases 
appreciably in the same direction. This indicates that the charge (due to electro- 
negativity difference) plays a more dominating role than the distance ie. the 
bond length (и = 8 xd). 

Dipole moment measurements often help to decide cis-trans isomerism in 
coordination complexes. (R,P).PtCl, and. (RgAs),PtCl, complexes have been 
isolated in a and 8 forms. The a-forms have recorded zero dipole moments and 
must therefore have collinear Pt—Cl апа Pt—As (or Pt—P) links, that is, a trans 
structure. The £ forms have high dipole moments and are cis isomers. 
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55. THE NATURE OF THE INTERMOLECULAR FORCES 


Besides the primary forces responsible for the formation of molecules and 
ionic compounds there are secondary forces that operate between molecules. 
Although these molecular forces-have not been defined as chemical bonds, this is 
the right place to discuss them briefly. Such intermolecular forces are popularly 
called. van der Waals forces. 

Unlike covalent bonding which is associated with orbital overlap at short 
internuclear distance van der Waals forces may operate at longer distances ‘where 
no orbital overlap can occur. Hence such forces are weak. But they are the most 
universal. There are several types of forces that contribute to van der Waals 
attraction. 

Dipole-dipole interaction. When the interacting atoms differ significantly in 
their electronegativity the resulting molecule is often a polar covalent compound 
(eg: ICI). Thus ICI will have a partial (5*) character on the iodine and a partial (67) 
on the chlorine side of the molecule. These polar charges may be compared to the 
charges on NaCl, in which very much great difference in electronegativity leads to 
a complete transfer of electron from sodium to chlorine, giving a full + and a 
full — charge on the ions. In molecular ICI the dipoles so arrange themselves that 
a ‘plus’ end faces a ‘minus’ end and so on. This weak attractive force holds the 
molecules together: On application of little heat (M. P. ICI, 27°C) the weak van 
der Waals forces are no longer able to hold the molecules in rigid alignment and 
the compound melts. The weak forces still remain significant to maintain a liquid 
phase, where the molecules are still relatively close. On further heating the liquid 
boils and the van der Waals forces become really very insignificant. 

A very special type of dipole-dipole interaction exists in some associated 
hydrides like NH, НО and HF. This special interaction has been named as 
hydrogen bond, and will be considered in the next section. 

Instantaneous dipoles interaction: Since permanent dipoles do not exist in 
homonuclear diatomic molecules Hs, Cl,, I, etc. a different type of attractive force 
must be postulated to explain the liquid and solid state of such substances. 

Over a period of time the two bonding electrons in H molecule are as close 
to one nucleus as to the other (compare the resonance forms). The molecule there- 
fore does not possess any permanent dipole. But any given moment the electron 
density may be concentrated at one end of the molecule. A fraction of a second 
later this may be concentrated at the other end of the molecule. Thus instantaneous 
dipoles are created. These instantaneous dipoles induce similar dipoles in neighbour- 
ing molecules. These instantaneous dipoles lead to an attractive force between 
the molecules. 

The strength of such induced dipoles interaction depends on the polarisability 
of the molecule. The ease of polarisation again depends on the size of the molecule. 
Large molecules are easily polarised than the small ones. Hence the bigger the 
molecular size and molecular weight, the more effective the polarisation is. Boiling 
points and melting points of covalent molecules are thus found to be functions 
of molecular size and molecular weight. i 
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Ion-dipole interaction: Negative ends of dipolar molecules like H,O, NH; 
may be attracted towards metal jons to form metal hydrates or metal ammoniates. 
The weak interaction occurs due.to the lone pair electron density of H,O ог NH; 
facing the cations. So long as the attraction remains poor we get hydrates or ammo- 
niates. When the attraction becomes formidable the cation and the above dipolar 
molecules are engaged in a far stronger bonding in the first sphere of attraction, 
and an aquo-metal or ammine-metal complex results, Ion-dipole interaction is 
responsible for the dissolution of ionic compounds in polar solvents. 

Dipele-induced dipole interaction: This type of weak interaction exists be- 
tween a molecule with a permanent dipole and a molecule (or atom) without one. 
The polar molecule may distort the clectron density of the second molecule (or 
atom) towards its positive end so that the centres of positive and negative charge 
in the second molecule (or atom) does not coincide as in the absence of the polar 
molecule. Thus a dipole is induced. An attraction can now result between the 
permanent dipole and the induced dipole. The forces responsible for the formation 
of noble gas hydrates are of this class. 

lon-induced dipole interaction: Distortion of the electron density of large 
polarisable molecules may be effected also by a charged ion. Further interaction 
may take place between the ion and the induced dipole, even leading to the forma- 
tion of a new entity. Interaction of halide ions and halogen molecules leading 
to polyhalide ions is considered to be of this type. 


5:6. THE HYDROGEN BOND 


By virtue of its having a single electron in the 15 orbital, hydrogen is capable 
of forming a single covalent bond. However, when it is covalently bonded to a 
strongly electronegative element the 
bond becomes strongly dipolar. The 
positive hydrogen end of the dipole 
can weakly link some other negative 
dipolar end present in the same very 


400 


8 


“ molecule or in another molecule, 
$ 200 thus effectively forming a weak bond 
a to a second electronegative atom. 
HA This weak, secondary bond between 
s two electronegative elements through 


the agency of partially positive 
: 4 І 1 s i MERE is known as hydrogen 
Period 

We enumerate below some exam- 
ples where hydrogen bonding leads to 
special properties: : 
AES E Abnormal boiling point of binary hydrides: The general expected trend of 
increase in melting points and boiling points of binary covalent hydrides with 


Fic. 5.14. Boiling Points of covalent hydrides 
of group IVB to VIIB elements. 
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increasing atomic number in a group is heavily violated by ammonia in group V, 

` water in group VI and hydrogen fluoride in group VII. Thé plots of boiling points 
of the hydrides of group IV, V, VI and VII against Period number is shown in 
Fig. 5.14. The hydrides of carbon, silicon, germanium and tin are regular in the 
sense that the boiling points are functions of molecular weights. In each of the 
groups V, VI and VII the second, third and the fourth hydrides are regular in 
their boiling points but the first exhibits abnormal behaviour. 

The abnormal behaviour of NHs, H:O and HF is due to association in liquid 
phase. This association is a consequence of hydrogen forming a special link or 
bond between polar covalent molecules. In binary hydride of a strong electro- 
negative element the bond between hydrogen and the parent element is an electron- 
pair covalent bond. Due to the high electronegativity of the parent element hydrogen 
develops a positive polarity and the parent element a negative polarity. The residual 
(fractional) positive charge on the hydrogen confers on it an extra ability to drag 
the negative end of a second hydride molecule and so оп. The result is an associated 
liquid. 

Hydrogen can thus form a special kind of bond, called hydrogen bond, to 
another electronegative atom of a second molecule or to а second electronegative 
atom of the same molecule. 

2. Abnormal heat of vapourisation of binary hydrides: Compared to other 
liquids in which there are no hydrogen bonds but only universal van der Waals 
forces it is no wonder that H,O will have a larger heat of vapourisation. In fact, 
the heat of vapourisation of H,O at its boiling point is 9.72 KCal/mole, which is 
almost double that of H:S. Such abnormality in heats of yapourisation is also 
scen for NH, in group VB and for HF in group VIIB. On plotting the heats of 
vapourisation of the hydrides of Groups IVB, VB, VIB and VIIB against Period 
numbers a plot like Fig. 5.14 is obtained. 

3. Dimerisation of acetic acid: Structure determination of acetic acid reveals 
a dimer through intermolecular hydrogen bonding (5-1). 

4. Modification of acid character: o-Hydroxybenzaldehyde and o-nitrophenol 
have their hydrogen bonding restricted within the molecules (intramolecular 
hydrogen bonding). Such hydrogen bonding may lead to a weakening of the 
acid character of the compound. However the K4's of o-nitro-, p-nitrophenol and 
phenol are 600 x 10-19, 690 x 1079 and 1.3 x 1079, Nitrophenols are stronger 
acids than phenol because of electron withdrawing effect and resonating influence 


of the nitro group. 
H О 
м 7“ о ps. 
CONES 
O...H—O 9 6 
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5. Binding of Water in some hydrates: Copper (II) sulphate forms a penta- 
hydrate. Four water molecules are coordinated to copper (ЇЇ) in the first sphere 
of attraction. The fifth H,O is hydrogen bonded between a sulphate group and a 
coordinated H,O (cf. 29-II). While the coordinated water molecules can be re- 
moved at 150-200°C the removal of the fifth occurs with decomposition of the 
compound. The seventh water molecule of the true vitriols NiSO,.7H.O, CoSO,. 
7H,O etc. is likewise hydrogen bonded. 

6. Abnormal solubility: Organic compounds with strongly electronegative 
oxygen and nitrogen being present in functional groups are, in general, more 
soluble in CHCl, CHCI,F ог CH;Cl, than in СС. This behaviour has been 
ascribed to the ability of the former group of solvents to form hydrogen bonded 
species with oxygen—and/or nitrogen of the organic solute compound. 

X-ray and infra-red evidence. X-ray diffraction studies generally cannot 
locate the position of hydrogen atoms but can establish quite precisely other bond 
distances in a compound. Such structural studies have shown that the distance 
‘between two electronegative elements (X in X—H...X) of nearest hydrogen 
bonded molecules is shorter than the distance for comparable non-hydrogen- 
bonded molecules. Thirdly there is good infra red evidence as well. In case of 
hydrogen bonding, X—H bond goes over to X—H...X and this means that 
H. ..X bond being larger than X—H bond introduces some less-than-single bond 
character in the overall bond length between X and H. This is shown by a lowering 
of the X—H stretching frequency in hydrogen bonded compounds as compared 
to parallel non-hydrogen bonded compounds. 

Strength of Hydrogen Bond: The strength of the hydrogen bond is directly 
related to the electronegativity of the parent element. With increasing electro- 
negativity the strength of the hydrogen bond increases from ammonia through 
water to hydrogen fluoride. The electronegativity difference is also the reason for 
a sharp weakening of the bond down a group. Thus hydrogen bondiug in H,S 
is much weaker than in H,O, which is strikingly revealed by H;S being a gas at 
ordinary temperature whereas H,O, with a lower molecular weight, is a liquid. 

The effect of size is shown by a comparison of NH, and HCI. Nitrogen and 
chlorine have the same electronegativity but chlorine is bigger in size than nitrogen 
(atomic radius: N, 0.704; Cl, 0.99A). Ammonia is far strongly hydrogen-bonded 
(cf : Fig. 5.14) than hydrogen chloride. 

Nature of the Hydrogen Bond: Since hydrogen has just one 15 orbital with a 
maximum electron capacity of two electrons it cannot form two simultaneous 
covalent bonds like F—H—F. This structure would impose four electrons in the 
1з orbital or put two electrons on the much higher energy 25 or 2p orbital making 
„the second bond very unstable. The structure must be considered as arising out 
of electrostatic attraction and also as a resonance hybrid of forms like the 
following: 


[F*-—He*., F7] : [F-H:F-] —— [F:H—F] 
electrostatic attraction Resonance 


Although hydrogen bond falls in the same energy range (below 10 Kcal/mole) 
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as does van der Waals forces it seems to be formed in preferred direction. van 
der Waals forces. in general. are non-directional. 

Hydrogen bonding, a chemical curiosity, is of importance to our very existence 
in this world. In the absence of hydrogen bonding water would be a gas at ordinary 
temperature and imagine there would exist no animal or vegetable life 

Structure of Ice and Water and consequent influence on density: X-ray cry- 
stallographic study of ice reveals that each oxygen atom of H,O is tetrahedrally 
surrounded by four other oxygen atoms. Each oxygen pair has in between them 
a hydrogen atom. This structure extends in all three directions in space, A lot of 
vacant space exists in between the oxygen tetrahedra. Because of the very effective 
hydrogen bonding there are present huge number of small holes in the structure. 
This structure explains why ice has a relatively low density. 

On melting much of the above structure of ice is destroyed. Hydrogen bonding 
gets weaker and the liquid water consists of smaller ice-like units alongwith single 
H,O molecules. The water molecules in the liquid state can pack themsclves closer 
than in ice. Thus the density of water is greater than that ofice. The breaking down 
of the ice structure is very important in the temperature range O°C and 4°C. But 
above 4°C incréased molecular motion leads to expansion in volume of liquid 
water leading to a decrease in density. 


STUDY QUESTIONS 


1, Helium and other noble gases do not form diatomic molecules. Use valence bond theory 
to explain this hehaviour. According to M.O. theory if we had He; we have to put two electrons 
in bonding ts M.O. and iwo in the antibonding 1s 0*М.О., thus leading to no stability, Do you 
agree? 

2. Why do we consider KCl as an ionic solid? 

3. What are the chief factors that govern melting points and boiling points? 

4, Apply Fajans' rules to classify the following compounds into ionic and covalent ones: 

SiC, СаС1„ MgO, TeF;, NH; CCla, InCls 

5. Elementary carbon has covalent links and yet it has an extraordinarily high sublimation 
point. Comment, 

6. Diagonal relationship does not extend beyond the first two short periods. Comment. 

7. Why is the boiling point of argon greater than that of neon? H,S has a higher molecular 
weight than Н;О and yet is a gas at room temperature while H,O is a liquid. Discuss. 

8. The halides of boron and silicon coordinate with trimethylamine but those of carbon 
do not. Comment. (see also Chapter 17). 

9, Explain why in à series of covalent compounds a bromide usually has a high boiling point 
than a chloride, while in 2 family of ionic compounds the reverse holds. ` 

10. A naked proton cannot survive and has to be solvated, Explain and confirm from experi- 
mental facts (see also Chapter 8). 

11. Comment on these dipole moments: (a) SOs, 1.610; CO», 0.000. (b) NH,, 1.49D; 
NF, 0.2D. 

12. The addition of a second electron to an oxygen atom is not a favourable process, yet we 
find a number of ionic oxides. Comment. 

13. For each of the following pairs indicate which substance is expected (о be more cov alent: 

MgCl, or BeCla; CaCl: ot ZnCl; CaCl, or CdCl; ZnO or ZnS; TiCl, er 1С: Nal or Сао 
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14. “Stannous tin is metallic while stannic tin is non-metallic.” Comment. 

15. Draw ‘electron dot’ formulas and ‘dash’ formulas for (а) ВСІ, (Б) CHsBr (c) CH,OH 
(d) NF; (е) F,0 (f) РОСІ,. 

16. Explain in terms of the electronic arrangement of the noble gases the tendency of some 
atoms to lose electrons and the tendency of other atoms to gain electrons. How ionisation poten- 
tial and electron affinity of atoms help in predicting this tendency. 

17. State evidences in support of the following: 

(a) C—Cl bonds in CCI, are covalent 

(b) CaF, has ionic bonds 

(c) bonds in sodium are metallic in nature 

18. Write explanatory notes on: 

(a) sigma and pi bonds (b) hybrid orbitals (c) bond multiplicity, bond length and bond energy 
(d) bonuing and and antibonding orbitals. 

19. Compare the bond energies and bond lengths in the following cases: 

(а) N—N versus N=N (b) O—O versus О = О (с) О = С = О versus С= О 

20. State the nature of the hybrid orbitals and the number of sigma and pi orbitals likely to 

be present in the following compounds: 

(a) CH, (b) САН, (c) САН, and (d) СО, 

21. Explain: (a) dissociation energy of О, is less than that of O,*, but dissociation energy 


of Nais greater than that of N,* (b) bond dissociation energy of NO is less than that of N; (c) NO 
and O, are both paramagnetic. 
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Structure of Ionic Compounds 


and Shapes of Covalent Molecules 


Having gained some familiarity with the nature of the chemical bonds, we 
discuss in this Chapter tie structure of ionic compounds, and shapes of simple 
covalent molecules. It will be shown that for ionic compounds the ratio of the 
radii of the oppositely charged ions is the major factor that decides a particular 
ionic structure. Entirely different considerations apply to covalent molecules. 
Two models will be described to help predict the shapes of simple covalent 
molecules. У 


6.1. STRUCTURE OF IONIC COMPOUNDS 


6.1.1. Radius Ratios and Preferred Structures of Some Tonic Compounds. As 
described in the previous chapter the force of electrostatic attraction between 
oppositely charged ions constitutes the ionic bond. Since such bonds have Coulom- 
bic origin, each particular ion will tend to drag as many oppositely charged ions 
as possible around itself, The number of anions that surround a cation is called 
the coordination number of the cation and vice versa. Two factors appear. ini- 
portant for an ionic structure: 

(1) each ion assumes as large a coordination number as pessible 

(2) attraction between opposite ions in the limiting case just leads to cation- 
anion contact and to anion-anion contact. Any squeezing of the ions beyond th? 
‘contact’ positions will break down the structure. 

These factors indicate that the size of the ions or better still the ratio of the 
radii of the cations and anions is the criterion that can strike a balance between 
the above two factors. It is therefore no wonder that similar AB type ionic com- 
pounds like CsCl, NaCl, ZnS do not crystallise with the same structure. Sodium 
ion for chloride ion) in sodium chloride has a coordinarion number six. cac sum 


= 


1122 INORGANIC CHEMISTRY 


ion (or chloride ion) in caesium chloride has a coordination number eight. and 
zinc ion (or sulphide ion) in zinc sulphide has a Coordination number four. 

We now work out the critical radius ratio, that is, the ratio of the cation, 
r*+, and the anion, r~, for the above three common ionic crystal structures. 

(а) In sodium chloride (Fig. 6.1) each sodium ion has six chloride ions as near 
neighbours, Four of these chloride ions in the limiting case 
of anion-anion contact, will touch the cation in the plane 
of the paper. The fifth and the sixth chloride ions will be 
above and below the plane of the paper, again in contact 
with the sodium ion. Assuming the 1085 to be hard spheres, 
it is easy to see from the geometry of the figure that the 
following relations hold in the limiting case of anion-anion 
contact and anion-cation contact, 


Fic, 6.1. A section of AB = ВС = 2;- 
NaCl structure show- 
ing the limiting cas: AG = 2r- + art 
of anion anion al MR. 21 RO? — (5. r=)! = =)? 
sh Again AC? = AB*4-BC? = (2r-)?+(2r-)? = 8(r-) 
“. АС = 2y2r- 


Sothat2r:-E2r* = 2V2r-: у rt ур 2 r-(V2—1) 
Whence r/r- = 4/2—1 = 0,414 
So the critical radius ratio at ‘contact’ Position for NaCl structure is 0.414, In order 


that a ‘safe’ structure тау be assumed r*/r~ ratio should exceed 0,414 as otherwise 
the anion will have to be squeezed. 


Fig, 6.2. A section of CsCI structure Fic. 6,3. A section of ZnS structure 


(b) In the structure of caesium chloride each caesium ion is surrounded by 
eight chloride ions and vice versa. Remembering the relation between the sides 
and diagonal of a cube (Fig. 6.2) it can be shown that the following relations will 
hold at the critical point of anion-anion contact and of cation-anion contact. 

Art + r7) = V3a 

2r- = а, wherea = side of the сиђе, 


"rn ват“ = hia = УЗа: + r a(V3—1) 
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Then r*jr- = V3—1 = 0.732. Ап ionic compound crystallising with CsCl 
structure will be stable only when the r*/r- ratio exceeds 0.732. 

(c) In zinc sulphide each zinc ion is tetrahedrally surrounded by four sulphide 
ions and vice versa. Again taking a cube and remembering that alternate corner 
points of a cube gives a tetrahedron (Fig. 6.3) we have the following relations at 
the critical point of anion-anion contact and anion-cation contact. 

Art + 17) = V3a 

айе Sista Sa, í 5 Y у 

РУ КР к= апа 27 = Vla: r 5 Supa aap iets 


| = руб—1, = 0225 

Thus the optimum radius ratio for ZnS structure is 0.225—0.414, for NaCl struc- 
ture 0.414—0,732, and for CsCl structure the ratio: is above 0.732. The validity of 
these radius ratios is shown by examining a large body of ionic compounds in 
Table 6.1. 


Table 6.1. Radius Ratios and Preferred Structures of Some Ionic Compounds 


Compound Structure 

Мас! 0.52 NaCitype 
Nal 0.44 d 

КЫ 0.69 e 
кс! 0.74 з 
CsBr 0.87 CsCl type 
са 0.78 {9 
ZnS 0.40 ZnS type 
ZnSe 0.37 y 

Cul 0.23 is 


We conclude our discussions on ionic crystals by remarking that in simple 
ionic compounds geometrical considerations largely determine the crystal structure. 


ШЕ 27 


@Na or Cl; ФС: orci; @žn o S510 Sor ?п 
OCI or Na OCI or Os 


Fic. 6.4, The sodium chloride, caesium chloride and zinc blende structures 


The critical radius ratio (cation/anion) gives the limiting condition that the cation 
is in contact with the maximum number of anions geometrically possible, and 
anions also are in contact with each other. Chemical considerations are unim- 
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portant for attainment of a particular structure. Thus chemically similar com- 
pounds may have quite different crystal structures. Conversely it may so happen 
that chemically dissimilar compounds will crystallise with the same ionic structure. 
Fig. 6.4 shows the three crystal structures discussed above. 


6.1.2. Hexagonal Close Packing ard Octahedral and Tetrahedral Holes: 
In hexagonal close packing of spheres each sphere is surrounded by six others 
(Fig. 6.5(а). These spheres touch each other and also touch the central sphere. 
Such a layer creates tetrahedral holes when another such layer is placed over the 
first layer such that a sphere of the second layer sits over the centre of the triangle 
formed by the contact of three spheres of the first laver. Besides the tetrahedral 
holes there are also octahedral holes between the layers [ Fig. 6.557. 


= = Octohedrol hele 


У == Tetrohedral пое 


A 


(а) (b) 
Ела, 6,5, (a) Hexagonal close (b) Tetrahedral and octahedral holes in 
packing of spheres, hexagonal close packing. 


In interstitial carbides and nitrides the small carbon atom or the nitrogen 
atom occupy the octahedral holes created by the close packing of the transition 
metal lattice. We have already seen that for octahedral hole fitting the radius 
ratio rules predict that the cation/anion i.e. small ion/large ion ratio should be 
in the range 0.4 to 0.7. It follows that the optimum carbon/metal or nitrogen/ 
metal radius ratios should be in the range 0.4 to 0.7. Structural studies оп interstitial 
compounds show that the upper limit of the radius ratio is ~ 0.6. Taking the covalent 
(atomic) radius of carbon as 0.77A and that of nitrogen as 0.7A (Table 4.5) we find 
that acceptable radius of transition metal should be in the range 1.3 to 1.9 for 
carbides and 1.2 to 1.7 for nitrides. Тае atomic radii of Cr, Mn, Fe, Co, Ni are 
below 1.3A and hence they do not form any nitrides or carbides. On the other hand, 
Ti, Hf, W, Nb have their radii larger than 1.3A and thus they form interestitial 
carbides and nitrides (Chapters 17 and 18). 

It follows from the above discussions that hydrogen atom (radius 0.37А) 
is much too small to make any effective fitting in the octahedral holes of any of 
the above transition metals. It is not surprising therefore that interstititial hydrides 
are so very unstable, а 
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6.2. SHAPES OF COVALENT MOLECULES 


The basic step involved in the formation of covalent molecules is the overlap 
of suitable orbitals cf the reactant atoms. The covalent bond is localised and 
has directional property. When there are two or more covalent bonds in a molecule, 
it is an interesting exercise to predict the shape, that is, the angle between the 
bonds of the resulting molecule. Such exercise will reveal the worthiness of our 
models of covalent bonding. 

in what follows two models will be described for the purpose. These are 
(a) orbital overlap model and (b) valence shell electron pair repulsion. The models 
are complementary in nature. ; 

(a) Orbital overlap model: We first begin with a knowledge of the pure 
atomic orbitals, their shapes and relative geometries. Recall that an s orbital 
has spherical symmetry about the nucleus. The three p orbitals are equivalent and 
are at right angles to cach other. Each p orbital extends along an axis running 
through the nucleus and each has two pear-shaped lobes on either side of the 
nucleus. One orbital can accommodate a maximum of two electrons. with 
opposite spins. 

Hydrogen and oxygen atoms in H,O may be assumed to form two s—p bonds 
by the overlap of two p orbitals of oxygen by the 5 orbitals of the two hydrogen 
atoms as shown below: 


sessi, ie Gags аша! 
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H 1s 
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H 15 


Since the two orbitals of oxygen, 2p; and 2p;, are at right angles to each other, 
the overlap of these by the two spherically symmetric s orbitals of hydrogen can 
give rise to a molecule with the Н—О—Н bond angle as 90° (Fig. 6.6). The bond 
angle found experimentally in H,O ‘is 104°. Remembering that there is enough 
electronegativity difference between hydrogen and oxygen, the two hydrogen 
atoms will carry some residual positive charge and hence they are likely to repel 
each other thus expanding the H—O—H bond angle. But this would not amount 
to an expansion from 90° to 104°. Reaction of nitrogen and hydrogen gives NHs. 
The model indicates overlap of three mutually perpendicular pz, Py, Pz orbitals 
of nitrogen by three s orbitals of three hydrogen atoms. The H—N—H bond 
angle (Fig. 6.6) is again predicted to be 90°. The experimental value is 107°. Here 
also the residual charges on the hydrogen atoms may lead to an H—N—H angle 
expansion but not to the extent observed. 

The experimentally determined bond angles in H,S, Н,Ѕе, H;Te, PHs, AsH; 
and SbH, are nearly 90°, as is predicted by the model. The sulphur atom, com- 
pared to oxygen, is bigger in size (covalent radii are: O, 0.66 A; S, 1.04 A) and 
therefore the two H atoms are further apart in H,S than in H,O. Furthermore 


2 
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the electronegativity difference between oxygen and sulphur is such as to make 
H less positive in H,S than in H,O. These factors minimise repulsion between 
the two H atoms and we get a better accord with experimental results in Н,5, 
Similar reasonings may be applied to H,Se, РН,, AsH, etc. 


7 74 


729 NH, 


Fic. 6.6. Orbital overlap model for H:O and NH; 


Instead of assuming overlap of pure atomic orbitals of the interacting atoms 
a modified approach is to adopt the concept of hybridised orbitals. Bond angle 
is then determined by the type of hybridisation. Thus sp, sp®, sp*, «р? hybrid 
orbitals are linear, triangular, tetrahedral and octahedral respectively. 

Hybridisation of the 2s orbital and the 2pz, 2py and 2p; orbitals of oxygen 
leads to four equivalent, tetrahedral orbitals (sp*). Six outer quantum shell elec- 
trons of oxygen are distributed as two pairs of electrons in two of these hybrid 
orbitals and one electron each. in the remaining two tetrahedral orbitals. The 
last mentioned hybrid orbitals allow the 1s orbital of hydrogen to overlap giving 
5р%3— type bonds in H,O. Since the 5р? orbitals are at 109° to each other, it is 
predicted that H-O—H angle will be 109° (experimental 104°). A bond angle 
of 109° (experimental 107°) is predicted for ammonia. It appears that compared 
to a model of pure orbital overlap, the agreement between the results of hybrid 
orbital model and experimental findings for H,O, NH, is better but not excellent, 
It needs to be pointed out that so far we have neglected any repurcussion that 
the lone pairs of electrons in the molecule might have on the bonding pairs of 
electrons. Lone pairs repel the bond pairs more than the bond pairs repel bond 
pairs. This postulate will result in still better accord between theory and 
experiment. 

Boron trichloride forms a triangular planar molecule with CI—B—CI bond 
angles ~ 120°. This shape 15 easily covered by assuming for boron an sp? hybridisation 
whereby the three hybrid orbitals will make an angle of 120? with each other in the 
same plane. The third p orbital is left out of hybridisation and is assumed to retain 
а p character. The three sp? orbitals then overlap with the unpaired electron in the 
р orbital of chlorine, thus making the CI—B—CI angle ~ 120°. 

' Beryllium fluoride forms a linear molecule with F—Be—F bond angle ~ 180°. 
This shape is predicted, on assuming an sp hybridisation in beryllium. 
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However the hybrid orbital model, without further refinements, cannot 
explain the bond angles in molecules like Н,5, PH, AsH; etc. 

(b) The Valence Shell Electron Pair Repulsion Theory (VSEPR): This is a useful 
model for predicting the geometries of molecules of non-transition elements and 
also of symmetrical d°, 45 and d™ transition metals. The theory is largely the work 
of Nyholm and Gillespie. 

In all chemical combinations there occurs an interaction between outer orbital 
electrons of the reactants. The electrons belonging to the outermost quantum 
shell of the central reactant atom plus the additional electrons acquired as a result 
of bonding are called valence shell electrons. According to VSEPR theory the 
arrangement of the bonds around an atomic centre depends on the number of 
electron pairs surrounding the central atom and also on the relative size and shape 
of the orbitals which contain the valence shell electron pairs. The preferred arrange- 
ment of a given number of electron pairs in the valence shell of an atom is the 
one that maximises their distance apart. Each electron pair occupies a well defined 
tegion of space and other electrons avoid this space. For electron pairs in the 
same valence shell the preferred arrangements for 2 to 6 electron pairs which 
maximisie the distance between electron pairs are given in Table 6.2. Note that 
the linear, triangular planar, regular tetrahedral, trigonal bipyramidal and regular 
octahedral arrangements of electron pairs with 2, 3, 4, 5 and 6 bonding pairs 
correspond respectively to the sp, sp*, 5р?, sp*d and d?sp! hybrid orbitals in the 
valence bond theory. 

By making additional postulates it is possible to explain small variations in 
bond angles and bond lengths from those predicted by theory. It needs to be 
noted that the electron pairs in valence shell are not all equivalent. They may 
bond different ligands, they may be unshared lone pairs or they may participate 
in multiple bonding. Some rules are now given to help explain the small variations 
in bond angles of certain common covalent molecules. 

Rule 1. Lone pairs repel neighbouring electron pairs more than do bonding 
electron pairs. A lone pair is under the control of only one nucleus and therefore . 
it is ‘fatter’ than a ‘slimmer’ bonding pair between two nuclei. The magnitude of 
repulsion between different electron pairs has the following order: 
lone pair—lone pair > lone pair—bonding pair > bonding pair— bonding: pair 

(strongest) (weakest) 
An effect of these varying degrees of repulsion is exemplified by the bond angles 
in the series CH, (109°), NH (107°) and Н,О (104°). Since CH, has all bonding 
pairs the Н—С—Н bond.angle is ideal and tetrahedral. In NH; the Јопе pair 
repels the bond pairs more and H—N—H bond angle is squashed from 109* to 
107°. Two lone pairs in ЊО squash the bond pairs still more, from 109? 
to 104”. 

Rule 2. The repulsion exerted by the bonding pair decreases with increasing 
electronegativity of the B atom in ABz molecules. 

With increasing electronegativity of B the average position of the bonding 
pair moves farther from the central element A. Therefore the repulsive effect 
of the bonding pair on the electron pairs on А decreases with increasing electro- 
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Table 6.2. VSEPR Predicted Shapes of some Molecules 


Number of Predicted arran- Number Number Example Shape 
electron pairs gement* ofelec- ofbond- of lone 


. . in valence tron pairs in ing pairs ^ pairs 
shell space 
12 linear 2 0 НЕСІ, linear 
3 triangular plane. ar: 0 ВСІ, triangular 
plane 
2 1 SnCl, V shaped 
4 regular tetrahedron 4 0 CH, regular 
tetrahedron 
3 1 NH; Pyramidal 
2 2 H,O V shaped 
5 trigonal bipyramid 5 0 РС; trigonal 
bipyramid 
4 1 TeCl, irregular 
tetrahedron 
у 3 2. CIF, T shaped 
6 regular octahedron 6 0 SF, Octahedron 
5 1 IF; - Square 
pyramid 
4 2 XeF, Square 
planar 


*The predictions have not taken into consideration the addtional postulates designed to 
achieve further accord with experimental bond angles. 


negativity of B. Thus the B—A—B bond angle decreases with increasing clectro- 
negativity of B. Decreasing size of B (of the same group) will also have 
the same effect. 


PCl, 100 AsCl 984 | NF, 102 | OF, 103 
PBr, 101.5 | AsBr, 100.5 
PI, 102. Asl, 1015 | NH, 107 | OH, 1045 


Rule 3. Repulsions between electron pairs in filled shells cause small changes 
in bond angles than the repulsions between electron pairs in incompletely filled 
shells. 

The orbitals in a filled shell cover all the space around the central atom. 
Therefore any repulsive force designed to alter the bond angles in such filled shells 
is resisted. B, C, N, O and F of the first row of the Periodic Table have four orbitals 
in their valence shells, directed tetrahedrally. The repulsions in molecules with onc 
or two lone pairs can at best change the bond angles by only a few degrees from 109° 
(compare NH;, H,O etc). On the other hand orbitals in an incompletely filled shell 
cannot make up for all the space around the central atom. As a result, repulsive 
forces exerted on the electron pairs of such shells are more significant and as a 
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consequence bond angles change by а larger extent. Elements of the second short 
period such as P, S or Cl have a maximum of nine orbitals (one s threep-and-five d) 


~ pairs can alter the bond angle of H—S—H (92.2) by a larger extent than is possible - 


Rule 4. Multiple bonds exert greater repulsive effect on other orbitals than is 
shown by single bonds. Multiple bonds do not grossly affect the stereochemistry 
of a molecule. 

Occurrence of a z-bond over and above а o-bond decreases the bond length. 
This means a double bond or a triple bond,is considerably ‘fatter’ than a single 
bond. Therefore we would expect such a multiple bond to exert greater repulsive 
force on other orbitals. Examination of the XAX bond angles of the molecules 
given below shows that roughly they conform to the gross stereochemistry expected 
on the basis of lone pairs and bonding pairs (109° for expected tetrahedral OPE; 
and 120° for expected trigonal planar OCF,). The multiple bond repels the other 
bonds so that XAX bond angle falls below that expected from the idealised gev- 
metry. It follows that the angle between the multiple bond and the other single 
bonds in the molecule will be greater than the angle between two single bonds ої 


the molecule, 


<XAX <XAX 2250 uXCÓ 
O = PF, 102.5 О = CF, 108° 124 
О = РС, 103.5 о = ссђ Hp. 124 
О = PBr, 1080 , S = РС, 100.5 
S = PF, 100.3 S — PBr, 106.0 
S = PCI, 100.5 О = SF, 92.3 106.8 
S — PBr, 106.0 О = SBr, 96.0 108.0 


The VSEPR as developed above assumes that the inner shells of electrons 
are spherical and have no influence on the geometry of valence shell electron pairs. 
Thus the conclusions are valid for the main group representative elements and 
also for the spherical d^, dë and 41° metals. The theory is not useful for predicting 


the shapes of transition metal complexes. 


Problem: Predict the shape of nitrosyl chloride. 

Nitrosyl chloride is CINO. The central element nitrogen is linked to chlorine 
through a single bond and to oxygen via a double bond. Hence the valence shel! of 
nitrogen has 5 + 1 +2 = 8 electrons. There are three bond pairs and one lone 
pair. The pi bond between nitrogen and oxygen does not influence the shape of 
the molecule. Thus the two sigma bond pairs and the lone pair should roughly be 
at 120°. Since lone pair repels bond pairs more strongly the bond angle < CINO 
should be less than 120°. In fact the bond angle is about i16°. It is V-shaped. 


9 


= 
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Problem: Predict the shape of sulphuryl (sulphonyl) chloride. 

Sulphuryl chloride is SO;Cl,. The central element sulphur is bonded to the 
two chlorines via single bonds and to the two oxygens via double bonds. Then 
valence shell of sulphur has 6+ 1-+1+2 2 = 12 electrons. Of the six 
electron pairs the two pi bond pairs will not influence the shape of the molecule. 
So we are left with four electron pairs which are all bond pairs. A tetrahedral 
^ structure follows. 


а an о 


| 
4 pow 4 N 


с! с 
Trangular planar 


Ec. 


N N о 
ЊУ | н di Ак © (уж 


F—— Be 


Y rs 
Linea Tnangular planar 


V shaped tetrahedral 
pyramidal V shaped 
Q | al 
|^ | 
Sn. a 
D NE F——P d xj Ci ——F 
ci e | F e | 
V shaped Р F 
trigonal bipyramidal КУЗУ 
F 
Q | | 
Ci с! i 
doo afi йы TGs тЫ 
D г аа Е 
eer car | 
тпапашаг 
planar F 
| Ex S imgonal bipyramidal | 
Е 
E 
DPA Ie 
p 
F 
irregular tetrahedral | 
Fic, 6.7. Shapes of some molecules and ions | 


Alternati;ely we may assume that the two oxygens are linked via coordinate 
bonds from gulphur. Then the valence shell of sulphur has 6 + 1 +1 = 8 elec- 
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trons, Thus there ate four bond pairs leading to a tetrahedral shape for 
the compound. 


Problem: Predict the shape of chlorate ion. 

Chlorate ion is CIO;-. The central element chlorine is bonded to the three 
oxygen atoms through coordinate covalent bonds. The valence shell of chlorinc 
is made up of 7 -- 1 = 8 electrons i.e. four electron pairs. Of these four pairs 
three are bond pairs and one lone pair. Therefore the molecule will have a pyramidal 
shape like NH;. 


Problem: Predict the shape of carbonium ion. 

A carbonium ion is formed as a result of, say, heterolytic cleavage of a care 
bon ‘halogen bond. The carbon electron goes over to the halogen making a 
halide ion and a positive carbonium ion like (CH;),C* and X-. The valence shell 
of the central carbon has 3 +3 = 6 electrons, which make the C—C bond pairs. 
It follows that the three bond pairs will attain maximum stability when thcy are at 
120° in a plane i.e. the shape will be a flat triangular planar one. 

On the hybridisation model the central carbon is assumed to be sp* hybridisc:l 
with the third (say pz) orbital being empty. The three unpaired electrons in tlic 
three sp* hybrid orbitals then will overlap with suitable orbitals having electrons 
with opposite spin. Once again the shape turns out to be a triangular planar one. 


Problem: Predict the shape of carbanion. 
A carbanion has three shared pair covalent bonds and a lone pair. The shape 
will then be pyramidal (cf. NH), one of the three vertices of a tetrahedron being 


occupied by the lone pair. 
On the hybridisation model carbon is sp? hybridised. 


Problem: Explain the T shape of CIF. 

The valence shell of the central element chlorine has 7+ 1 -- 1-- 1 = 10 
electrons i.e. five electron pairs. Of these threc are bond pairs and two lone pairs. 
A trigonal bipyramidal arrangement is expected. According to rule 1 of VSEPR 
the two lone pairs should take up the two axial positions. But it is an empirical fact 
that lone pairs prefer to take up equatorial positions. Lone pairs are fatter than 
bond pairs and this fact probably prompts the lone pairs to occupy equatorial 
positions, Thus in CIF, two lone pairs and one fluorine take up the equatorial 
plane while the other two fluorine occupy apical sites. Jn such an environment 
each equatorial lone: pair feels two 90° repulsion and one 120° repulsion with the 
bond pairs. If the lone pairs occupied axial positions then each had to face three 
90° repulsion with the three equatorial bond pairs. Experimentai structure deter- 
mination reveals that a lone pair prefers two 90° repulsions and one 120° repuision. 
However this explanation is not beyond criticism, 

BrF, has a shape like that of CIF;. 
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STUDY QUESTIONS 


1. Use a simple ionic model to predict the shapes of СО», NH;, ВСІ, BeCl;, HgCl., PbCI;. 
Compare the results with VSEPR model (see also Chapter 10). 


2. In a close packed type crystal structure the octahedral holes can be occupied by spheres 


of radius 0.41 rand tetrahedral holes by spheres of radius 0.225 r(r — radius ofthe spheres making 
the holes). Comment. 


3. Which of the following in each pair will have the larger bond angles? 
СН», NH;; OF», ОС; МНу, NF;; PH;, NH; 


4. Predict the shapes of XeF; and XeF, on the VSEPR model and also apply the hybridisation 
Scheme. Check your results with Chapter 21. 


5. Explain why transition metal hydrides are so very unstable while some such metal 
carbides and nitrides can be prepared. 


* 6. Why the Z HOH bond angle is less than the tetrahedral angle of 109°? 
7. Predict the shapes of ССІ, and POCI, molecules on the VSEPR model. 
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Oxidation-Reduction Reactions 


A better understanding of the electronic structure of elements, and of chemical 
reactions has led to an overhauling of our classical conceptions of oxidation and 
reduction. Studies of electrochemical reactions have provided a firm, quantitative 
basis of oxidation and reduction processes. Modern ideas on such processes 
allow us to foresee many chemical reactions and further help us to control many 
reactions according to our needs. A discussion of the basic ideas of oxidation- 
reduction (redox) reactions is presented in this Chapter. 


7.1. ELECTRONIC CONCEPT OF OXIDATION AND 
REDUCTION . 


Oxidation has been classically defined as the combination of oxygen (or 
any other electronegative element) with another element or as the removal of 
hydrogen (or any other electropositive element) from chemical compounds. We 
know magnesium metal burns in oxygen to produce magnesium oxide. The same 
metal reacts with chlorine to produce magnesium chloride. In both instances 
magnesium is considered to have been oxidised. 

An examination of the electronic structures of MgO and MgCl; reveals a 
common feature, namely both have doubly charged Mg?* ions in their crystal 
lattice. The reaction of magnesium metal with either oxygen or chlorine has led 
to the removal of two electrons from a zerovalent magnesium metal resulting 
in the formation of Mg?'. 

2Mg + Оз — 2Mg?* + 20%- 

Mg + Cl, > Mg** + 2217 
On the other hand the lost electrons have found new homes in oxygen or chlorine 
forming the oxide ion or the chloride ions. It would thus appear that the classical 
definition of oxidation has an intimate connection with the removal of electrons. 
The converse should hold for reduction. Thus oxidation is a process which results 


m 
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in the loss of one or more electrons by atoms or ions. Reduction is a process which 
results in the gain of one or more electrons by atoms or ions. Therefore an oxidi- 
sing agent is one that gains electrons and is then reduced to a lower valence, A reducing 
agent is one that loses electrons and is oxidised to a higher valence. 1n the above 
examples, magnesium metal is the reducing agent and oxygen (or chlorine) the 
oxidising agent. 


- 


7.2. OXIDATION NUMBER CONCEPT OF OXIDATION 
AND REDUCTION 


Тће definition of oxidation and reduction based on loss or gain of electrons 
is limited in scope since the definition holds good only for ionic compounds. For 
cxample, the reaction between H, and O, leading to Н.О cannot be covered by 
the electronic concept since H,O is not an ionic compound. It may be recalled 
that classically we could still say that hydrogen is oxidised to H,O in the same 
sense as the burning of magnesium in oxygen is considered oxidation. Similarly 
H, and Cl, react to form а covalent molecule НСІ. Classically hydrogen is oxidised 
(or conversely chlorine is reduced) but the resulting compound being a covalent 
one, the reaction cannot be covered by the electronic concept. 

In order to cover such reactions also under oxidation-reduction the concept 
of oxidation number has been developed. The oxidation number of an element 
in а compound is the formal charge (positive or negative) which would be assigned 
10 the element, if all the bonds in the compounds were ionic bonds, All compounds 
are treated as though they were ionic merely because of the ease in counting oxida- 
Пол numbers. The’ oxidation number therefore is arbitrary. 

Electronegativity concept is utilised in adducing a formal charge to an atom. 
The less electronegative of the partners of a binary compound is arbitrarily assigned 
à positive oxidation nuraber and the more electronegative one a negative oxidation 
number. Fluorine, being the most electronegative, has always a negative oxidation 
number. The alkali metals are highly electropositive, have low electronegativity, 
and hence have been assigned positive oxidation numbers. Since in all their com- 
pounds the alkali metals behave consistently as unipositive ions, they are assigned 
oxidation number + 1. Similar reasoning would lead to an assignment of —1 
(оће halogens. In HF gas fluorine has an oxidation number of —1 and hydrogen 
is assigned an oxidation number of = ant » 

The following general rules are to be observed for the assignment of oxidation 
numbers. 

1. The algebraic sum of the oxidation numbers of all the atoms in a compound 
must be zero, 


2. Atoms of diatomic molecules like H», С, О» ete. or of metallic elements 


are assigned zero oxidation numbers since the same elements of similar electro- 


negativity are involved in the bonding. 

3. Oxygen has normally an oxidation number — 2. In H,O, the oxidation 
number of oxygen is —1 since hydrogen has to be assigned --1. In ЊО oxygen 
has an oxidation number --2 because fluorine is more electronegative than oxygen. 

/ 
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4. In elkali metal hydrides, LiH, СЕН etc, the oxidation number of hydrogen, 


for reasons of varying electronegativity, is —M., Acad. Ltd А Bon 
When the above rules are applied the : eee 
oxidation numbers of carbon in the com- m at 
pounds CH, CHCl, СС. CHCl, CCl, VETT АЕ 
and CO, are -- 4, — 2. 2. +4 and +4 2: = Uu. = 
respectively. In Ha, the oxidation number of 5 RECS à & "грм i3 
hydrogen is zero but in H:O it is +1. Simi- 3 amd | fi 
larly magnesium in elementary state has a. 97 е 3 $ орм 18 
zero oxidation number but in MgCl, the 5 | E г 
number is -}- 2. Hence oxidation тау Be, 8| 0. M $ $0. |8 
defined as a process in. which an increase in ui BARS $ 
oxidation number. occurs. Conversely, reduc- к | te [MC d = рит 8 
tion is. а process in which a decrease inoxida- З ЕЈ e 
tion number occurs, A reagent which сап in- 426 „м? 5 |м 
crease the oxidation number of an element or Р a 
ion is called an oxidising agent. Similarly а 43e м3 
reagent that lowers the oxidation number of 
an element or ion is called a reducing agent. 446 [u EM ni 
Oxidation and reduction are always . (а) (b) 


У hand in hand during à redox à ; у 
fov nd to go han 5 Ела 7.1. Schematic representation o! 
reaction. Whenever an element or а COM> oxidation and reduction on (à) elec- 
pound is oxidised, another element or an- tronic concept and (b) oxidation 
other compound must be simultaneously number concept 

reduced. An oxidant is reduced and simul- 

taneously the reductant is oxidised. A schematic representation of oxidation- 


reduction reactions based on (a) electronic concept and (5) oxidation number 


concept is given in Fig. 7.1; . ^ 


7.3. BALANCING OXIDATION-REDUCTION REACTIONS 


It follows from our above discussions that we should be able to balance. 
oxidation-reduction reactions on the basis of (1) electron loss or gain and (2) 
change in oxidation number. The first method is commonly known as jon-electron 


method. Certain general rules are described below for writing balanced redox 


reactions. 


7.3.1. Yon-electron Method of Balancing Oxidation-Reduction Reactions: The 
following rules are useful: 

(1) ascertain the reactants and products, and their chemical formulas. 

(2) set up partial equations representing the reduction of the oxidant, and 


the oxidation of the reductant. 
(3) if the reaction occurs in acid medium use requisite number of Ht 
balancing the number of atoms involved in the partial equation. For 


alkaline medium use ОН“ ions. 
p^ 3 


for 
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(4) balance the charges in the partial equations by adding suitable number 
of electrons. These electrons indicate the electrons involved in the oxidation 
or the reduction half reactions. j 

(5) multiply each partial equation by a suitable factor so that each of the 
two partial equations involve the same number of electrons. 

(6) add the partial equations and cancel out species which appear on both 
sides of the equations. 


Some examples will now be given to elucidate the rules. It is known that 
in aqueous acid medium potassium permanganate oxidises ferrous ion to the 
ferrie state. In this reaction permanganate ion is the oxidant and ferrous ion 
(ће reductant. The left hand side of the ultimate equation will. carry MnO,-, 
fi! and Fe?t and the right hand side will have as products Mn?*, H,O and 
Vo") ions. ў 

The partial equation representing the reduction of the oxidant MnO,- will 
involve MnO,- — Mn**. Since the reaction occurs in acid medium we utilise 
eight Н ions to balance the four oxygen atoms of Мпо,“, thus: 


MnO,- + 8H* — Mn?* -+ 4H,0 
Since the above partial equation is still unbalanced from the viewpoint of charge, 
the equation is balanced by bringing in five electrons: 
MnO,- + 8H* + 5e = Мо» + 4H,O 


Note that MnO,- — Мп? + is indeed a five electron reduction (Mn'* — Mn?+). 
If we now apply the above steps to obtain the partial equation representing the 
oxidation of the reductant we have the following: 


| Fe** = Fest + e 
This equation on multiplication by 5 and then adding to the partial equation of 
the oxidant gives the final balanced equation: 
MnO; + 8H* + Se = Mn?* + 4H,O 


5 (Fe?+ = Без+ + e) 
MnO,- + 8H*-3- 5Fe?* = Mn?* + 5Fe** + 4Н,О 
The second example relates to the oxidation of. potassium iodide by potassium 
dichromate in dilute acid medium. In this reaction dichromate (chromium in 4- 6 
state) is reduced to chromium (IIT) and iodide ion is oxidised to elementary iodine. 


Taking the dichromate side, balancing the atoms and charges provides the partial 
equation: 


Cr,07> + 14H* + бе = 2C;3+ + 76,0 
Considering the case of the iodide ion we get: 


217 = 1, + 2e 
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Multiplying this by 3 and adding the two partial equations we have the following 
final equation: 


| €r,O2- -+ I4H* + бе == 2Cr** + 7H,0 


| 3QI- = 1, + 26) 
| ской + MH* 6 = 2Cr* + 3l, + 7ЊО 


The third example is the reaction of permanganate ion with sodium stannite, 
Na,SnO,, in alkaline solution in which manganese dioxide MnO, and sodium 


stannate, NasSnO, are formed. The partial equation representing the reduction 
of the oxidant is MnO,- — MnO,. Since the medium is alkaline we put requisite 
number of OH- ions to effect atom balance as: 


MnO,- + 29,0 — MnO, + 40H- 


To. balance the charge on both sides three electrons are added on the left hand 
side: 


MnO,- + 29,0 + Зе = MnO, + 40H- 
For the reductant the balanced partial equation is: 
SnO- + 20H- = SnO,- + Н,О + 2e 


To balance the number of electrons on both sides, the first equation is multiplied 
by 2and the second by 3 and on adding we have the final form of the ionic equation: 


2Mn0,- + 49,0 + бе = 2MnO, + 80H- 


3Sn0,2- + 60H- = 3Sn0;?- + 3H.O + бе 
2MnO, + 35103 + H,O = 2MiiO, + 3snOg- + 20H- 


Proceeding as shown above we can represent the oxidation of Mn?+ to MnO,” 
by PbO, in acid solution as: j 


Mn?+ + 49,0 = MnO, + 8H* + 5e [х 2] 
PbO, + 4H* + 2e = Pb?+ + 29,0 (2090/97 
2Mn?* + 5PbO; + 4H* = 2Mn0,- + 5Pb** --2H,0 
Oxidation of Mn?+ to MnO,- by NaBiO, in acid medium may be represented as: 
Mn?! + 49,0 = MnO, + 8H* + Se [x2] 
BiO,- + 4H* + 2e = BiO* + 2H,0 ` [x 5] 
IMn2+ + SBiO,- + 4Н+ = 2MnO, + 5BiO* -- 29,0 


7.32. Oxidation Number Method of Balancing Oxidation-Reduction Reactions: 
Assuming that the oxidation number of oxygen remains unchanged manganese 
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in MnO,- has an oxidation number -F 7. Calculation of the decrease and increase 
in oxidation number gives: 


oxidation number decreases by 5 


MnO, + Fet > Mn? рез» 
| 
oxidation number increases by I 


Putting right factors the decrease and increase in oxidation number are balanced, 
giving: 


MnO,- -+ 5Fe®+ — Mn?* 4. 5рез+ 
Since the reaction medium is acidic and the charges are not equal on the two 


sides of the above expression, H+ ions are added and requisite number of но 
written: 


Мп0,- + 8H* + SFett = Mnt*-L 5Fe'* +. 46,0 


The oxidation of iodide ion by dichromate ion in acid medium may likewise be 


balanced as follows: 


(a) CryO,8- + I- ~ Crt + Ty 
oxidation number decreases by 2 ( + 3) 
АНА АИ Буд Orr 
| z i 

2 x (+6) 2x (+ 3) 

(0).CrO?- + I- = 2Сю+ 41, 


oxidation number increases by 1 
(0) "Со gr — 2Cr** + 3I, y 
(4) Сг,02- + 14H++6l = адста 35. THO. 


The third example of oxidation of sodium stannite to stannate in alkaline medium 
may be worked out as: 


(a) MnO, + SnO,- — MnO, + SnOg- 
oxidation number decreases by 3 


| П 

+7 +4, 

(6) MnO,- + SnOg-  — Мо, + ЅпО,2- 
| По ETRE 

(c) equalising the increase and decrease in oxidation number: 
2MnO,- + Зблог- > 2MnO, + 3Sn0,2- 
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(d) because the medium is alkaline and because the ionic charges are not 
equa! on the two sides, requisite number (2) of OH- ions are added to the right 
hand side: 

2MnO,- + 38n0,2- — 2MnO, + 35пО,2- + 20H- 


(e) Since there are two hydrogen atoms on the right and none on the left, 
H,O is added to make atom balance. The final equation is: 


2Mn0,- + 3$n0 ?- + Н,О = 2MnO, +- З5по г- + 20H- 
The oxidation of Mn?* to MnO,- by PbO, is left out as an exercise. 


7.4. ELECTROCHEMICAL AND ELECTROLYTIC REACTIONS | 


7.4.1. Electrochemical Reactions: 
It has been pointed out at the beginning of this chapter that studies of electro- 


chemical reactions provide a quantitative basis of for oxidation-reduction reactions. 
Electricity and chemical change are intimately connected. Our entire concept of 
matter presumes that electronic structures are the best models for understanding 
the relation between matter and chemical change. 

The Daniell cell, a typical example of an electrochemical cell (also known as 
voltaic cell or galvanic cell) consists of a copper electrode dipped in copper (11) 
sulphate solution and a zinc electrode immersed in zinc (П) sulphate solution. The 
two components are usually separated by a porous barrier thus minimising mixing 
of the two solutions. If the two metal electrodes are connected to a light bulb, the 
latter will glow indicating passage of electric current. 4n electrochemical cell is a 
system af chemicals so arranged as to produce electric energy out of spontaneous 
oxidation-reducton reaction, Yn the Daniell cell electrons are transferred from zinc 
atoms to copper (II) ions. Since a» electrochemical cell consists of two electrodes 
of different characteristics it is of advantage to consider the two electrode reactions 
separately. The two electrode reactions of the Daniell cell are: 


at the zinc electrode at the copper electrode 
#16) — Zn®*(aq) + 2e- Сиа) + 2e- —> Cu(s) 


over all reaction: 215) + Си" (ад) — Zn? (ад). + Cu(s) 

An equation describing the reaction at a single electrode of an electrochemical 
cell is called a half reaction. An electrode and the surrounding solution im the 
electrode compartment is called a half cell. Therefore the chemical change that 
takes place in a half cell is described by a half reaction. However, this needs to be 
emphasized that no half reaction can be separated out of the full reaction of an 
electrochemical cell. An equation for a half reaction represents the reaction imagi- 
ned to occur at a particular electrode. 

That electrode where oxidation (i.e. loss of electrons) occurs is called the 
anode. Conversely the electrode where reduction (i.e. addition of electrons) occurs 
is called the cathode, In the Daniell cell the zinc electrode is the anode while the 
copper electrode is the cathode. In the outer circuit electrons flow trom zine to 


copper. 
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The electric potential difference between the electrodes can be measured 
with the help of a voitmeter. It is possible to determine quantitatively the ability 
of one electrode to transfer electrons to another electrode in a cell. This ability 
оГ an electrode to transfer electrons is measured in relation to a single, selected 
electrode, serving as a reference electrode. The selected electrode against which 
all measurements are made is called the standard electrode. 

A hydrogen electrode has been the standard reference electrode against which 
other single electrode potentials are determined. A standard hydrogen electrode 
consists of a platinum plate or foil, coated with 
platinum black, immersed in a solution of H Кад) at 
а concentration of 1 M with H, gas being bubbled 
over the surface of the metal as shown in Fig. 7.2. at a 
préssure of 1 atmosphere and at 25°С. (Platinum black 
is deposited on a bright platinum cathode—a wire or a 
foil —when H;PtCI, solution is electrolysed. A bright 
platinum foil or wire serves as the anode). 

The half reaction at the hydrogen electrode is 
described by 


H,Gas, 


—- 
atiatm 
pressure 


H*(aq)'+ е» 1Hs«(g) 


Platinum Electrode This half cell includes hydrogen ion ои ни 
tion, Н, gas and an inert platinum plate to make 
84 TS ские contact with H*(aq), Н, gas and the solution. The 
platinum plate provides a conducting path for electron 
transfer and permits an equilibrium to be established between H+(aq) ions and 
hydrogen atoms in solution. The potential for this standard hydrogen electrode is 
taken as zero. 
When two similar standard hydrogen electrodes are electrically connected to 
a voltmeter through a salt bridge there will be no net tendency for electrons to flow. 
There will be а zero potential difference between the two hydrogen electrodes. 
However, when one of the two hydrogen electrodes is replaced by a dissimilar 
half cell the voltmeter will record a potential difference which may be ‘plus’ or 
‘minus’ depending on which way the electron flows. For components of electro- 
chemical cells involved in electrode reactions, the standard state is chosen as i 
atmosphere for gases and 1M concentration (activity) for solutions in the electrode 
compartments. Metallic electrodes and insoluble compounds do not change in 
concentration in electrochemical cells, and as along as any amount is present, 
each insoluble component is also considered to be in standard state. If a second 
dissimilar half cell in its standard state is coupled to a standard hydrogen electrode 
(of zero potential) forming a cell, the measured potential difference of the cell is 
defined as the standard electrode potential [symbol = E° (volts)] for the second 
electrode, Yt may be noted, however, that the standard hydrogen electrode is rather 
difficult to manipulate. In practice, electrode potentials on the hydrogen scale are 
commonly determined indirectly by measuring the electromotive force of a cell 
formed from the electrode in question and a suitable reference electrode whose 
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potential is accurately known with respect to the standard hydrogen electrode. 
Such a subsidiary reference electrode is the saturated calomel electrode, which 
consists of mercury in contact with solid mercurous chloride and a solution of 
KCl saturated with the mercurous salt. The calomel electrode with saturated 
KCI solution has a potential of + 0.2458 volts at 25°C with respect to hydrogen 
electrode. The half cell reaction is: 


Hgt + 2e = 2Hg 
7.4.2. Electrolytic Reactions 


An electrolytic cell is a device whereby a non-spontaneous chemical reaction 
is brought about through the agency of an external source of current. The process 
occurring within such a cell is called electrolysis. An electrolytic cell is thus the 
reverse of an electro-chemical cell. A simple but àn excellent example is the extrac- 
tion of metallic sodium by the Down's process. In this process fused sodium 
chloride is used as the electrolyte. The cell is provided with a circular iron cathode 
and a centrally placed graphite anode. The cathode is connected to the negative 
terminal and the anode to the positive terminal of an external source of direct 
current. The external source maintains a pressure of electrons at the cathode and 
thus forces the following reactions: 

NaCl — Nat + Cl- 

at the cathode + Nat + e — Na (reduction) 

at the anode : 2 Cl- — Cl, + 2e (oxidation) 

А very useful application of electrolysis is found in commercial electroplating. 
Let us take the case of copper plating. The material to be copper plated is first 
cleaned and is then suspended into a bath of aqueous copper sulphate. This material 
is made the cathode by connecting it to the negative terminal of an external source 
of current. A strip of pure copper metal dipped into the same solution is connected 
to the positive terminal. The copper strip thus acts as the anode. The following 
reactions take place at the two electrodes: 

at the cathode — : Cui* + Зе — Cu (reduction) 

at the anode: Cu > Cu?* + 2e (oxidation) 

Electrolytic purification of impure copper also involves the above procedure. 
Plates of impure copper are made anodes while graphite-coated sheets of pure 
copper act as the cathodes. For silver plating or gold plating the electrolyte consists 
of a soluble silver salt or gold salt alongwith excess cyanide ion. The argentocyanide 
or the aurocyanide so formed dissociates to a small extent. As a result the cathode 
deposit is smooth and adheres well to the surface of the cathode. In the absence 
of cyanide the cathode deposit is rough and non-adherent. Silver or gold plate 
acts as the anode. The reactions are: 


at the cathode — : [Ag(CN),]- — Ag+ + 2CN-; Agt + e — Аз 
attheanode | i Ав ә Agt + e; Ар+ + 2CN- > [Ag(CN)s]^ 
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7.4.3. Lead Storage Battery and Nickel Storage Baitery 


А. Lead Storage Battery: 4 lead storage battery consists of alternate lead 
plates (acting as anode) and lead plates covered with PbO, (acting as cathode), 
Dilute H;SO, acts as the electrolyte. The following reactions take place when the 
battery supplies current: 


Anode Reaction : Pb(s) + SO,- > PbSO,(s) + 2e 
Cathode Reaction : РЬО х) + 4H* + SO,?- + Зе — PbSO,(s) 2H,0 _ 


Overall Reaction : РЫ) -РБО (5) 481-250: > 2PbSO,(s) + 2H,O 


As the battery continues to supply current the concentration of HSO; as well as 
the voltage drop. The battery can be brought back to its original condition by 
passing a direct current through the cell in opposite direction. During charging 
the battery functions as an electrolytic се! and the overall reaction is reversed: 


2PbSO,(s) + 26,0 — Pb(s) + PbO,(s) + 4H* + 2804- 


B. Nickel Storage Battery (Edison Cell) : In this cell an iron plate and a rod of 
Ni,O, are dipped in an aqueous solution of KOH. The iron plate acts as anode 
and the МО» rod as the cathode during discharge i.e. when the cell functions 
as an electrochemical cell to supply current. The following reactions take place: 


at the anode : Fe + 20H- — Fe(OH), 4- 2e 
at the cathode: Ni,O; + ЗНО + 2e — 2Ni(OH), + 20H- 
net reaction : Fe + МО; + 3H,0 — Fe(OH), + 2Ni(OH), 


Dyring the course of the above reactions there is no consumption of the 
electrolyte, KOH. One such cell gives a voltage of 1.35 volts. The battery can be 
regenerated by reversing the flow of electricity.through the cell with an external 
Source of direct current. During such charging reactions the Edison cell acts as 
an electrolytic cell: 


at the anode ч 2Ni(OH); + 20H- — МО; + ЗЊО + 2e 
at the cathode : Fe(OH). + 2e — Fe + 20H- 
net reaction : Fe(OH), + 2Ni(OH); — Fe + Ni,O, + ЗЊО 


* The Ni,O, is obtained by the following reaction: 
2Ni(OH), + NaOCl > Ni,O, + NaCl + 2H,0 


7.5. STANDARD ELECTRODE POTENTIALS OF METALS 


Considerable confusion has been created by the use of different sign conven- 
tions for standard single electrode potentials. According to the international 
Convention the sign of the electrode potential is the same as that of the electrostatic 
charge on the electrode. Thus the Cd?*/Cd electrode has a potential of —0.403. 
Volts (negative sign), because the tendency is for Cd metal to pass into aqueous 


) 
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solution as Cd?! ions. thus creating an accumulation of electrons on the electrode 
surface, The international convention tells us readily which terminal of a poten- 
tiometer а particular electrode has to be connected to. Thus if we make a cell 
from Cd electrode and a hydrogen electrode (alongwith a salt bridge) it is the Cd 
electrode that will have to be connected to the negative terminal of the potentio- 
meter. 

Some American texts still use an opposite convention of writing the electrode 
reaction as Cd == CEt + 2а (E == b 0.403 volts) instead of the international 
convention Cd** + 2e = Cd (E? = —0.403 volts). According tothe international 
convention standard electrode potentials are, in fact, standard reduction poten- 


Table 7.1. Standard Electrode Potentials (25°C) 


Electrode reaction E* (volts) 
1 Pt 3. 2e eS RE Wick iih ; + 1.200 а 
patt | + 2е => Pd, se + 0.987 8 
Ав+ + oe S AB sn + 0.799 Е 
ds Hair Re UB оке haare + 0.789 2 
B is А а Са ай 40:937018 
E B 2H* | де m Hg аса сенке 0.000 $2 
Bg Pet -2egPb ee ПОЛОВИ VEO B 
а |B smt. -2eeS$n see 40860928 
3 | NIE R26 Tii iet и - = 0:25 = | 
Ж | co $2 SCO eee 0277 213 
Bil сали бар аде Dee Ode undo Hia 0/408 17:55108 
B Jun. ааваа лу {даре i boss ases —040 | о 
а.а: де 2e m 5 te sien. — 0.763 215 
E a Mm* = + 2e = Mn eee 2a TAS ЕЈ Е 
Б] мене Яве AV rabie — 1.66 Bp 
2|. Be? doe Bere vt — 1.85 um 
ee Ме" + раван Ма Б (инг у) Е Е 
E a. Nat sp sem Naja rrt — 2.714 E $ 
SB. ce e Ca eet кен 2:87 Bara 
9 | Bi азана зн 2e iSo пир 5 к 2.89 Е 
9: Ва + деда SUB Aue ИЕ en — 2.90 8 
Kt ipse IK rA rev 23509.025 2 
TN T MR Ea e eh — 3.045 E 
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tials. On the contrary, electrode potentials according to American convention 


are really standard oxidation potentials. 

When metals are arranged in the order of their standard electrode potentials, 
we have the electrochemical series of the metals (Table 7.1). The potential values 
are with respect to the hydrogen electrode as the reference. The convention used 
in writing the electrode reaction is: . 

M"+ + пе = М 


FA 
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‘A positive potential value means the metal ion has a tendency to be reduced rather 
than the metal to be oxidised to the metal ion. The more negative the value of the 
potential, the greater is the tendency of the metal to pass into ions, that is, the greater ~ 
is its ability to serve as a reducing agent. A metal with a higher negative value of 
its potential will displace any other metal with a less negative (or positive) value of 
the potential, from a solution of its ions. 

The alkali metals have the most negative potentials. They are thus the best 
reducing agents known. Consequently the alkali ions are the most difficultly 
reducible ones. In a periodic group normally standard potentials become more 
negative with increasing atomic number. This is because with increasing atomic | 
number іп a group the valence electrons are placed farther and farther out from 
the nucleus and are therefore readily lost. 


7.6. OXIDATION-REDUCTION POTENTIALS 


In metal electrode systems the metal ion behaves as the oxidant and the metal 
‘as the reductant. The metal and its own ions constitute the oxidation-reduction 
couple. An inert platinum electrode dipped into an aqueous solution contain- 
ing ions of one and the same metal in two oxidation states also constitutes an 
oxidation-reduction couple. Thus a platinum electrode dipped into a solution 
containing Fe?* and Fe?* assumes a definite potential, which is indicative of the 
position of the equilibrium. If the system tends to show reducing properties, then 
electrons will be released to platinum at the cost of the reaction Fe** —& Без» + e. 
On the other hand when the system tends to show oxidising properties it will 
extract electrons from. platinum and the reaction Ее? + + е Ее?! will occur. 
The magnitude of the potential will thus be a measure of the oxidising or reducing 
character of the system. Once again standard potentials of such systems can be 
obtained from mcasurements relative to a standard hydrogen electrode, under 
standard experimental conditions. The oxidant (say Fe?*) and the reductant 
(Fe**) are maintained at | M concentration, correctly unit activity. 

A relation connecting the observed potential with the standard potential 
and the concentration of the oxidised and reduced form of the couple will now 
be developed. 

The degree of spontaneity of a reaction (when all the reactants and products 
are at standard state) is indicated by the change in free energy of the reaction. 
The free energy change rellects the driving force of a reaction, and expectedly 
there is a connection between free energy change and the equilibrium constant 
of the reaction, expressed as: 

AG = —RT In К = —2.303 RT log K 
A spontaneous reaction is characterised by a negative free energy change. The 
free energy change of a reaction 
К аА + В = IL + mM 


is given by AG = AG? + RT In ——;- 
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where a’s represent the activities of the different species. It follows that when 
all the species are at standard state, that is, unit activity AG = AG". Now in an 
electrochemical cell of e.m.f. E, 
AG = —nFE 

where AG is the free cnergy change in calories, п is the number of moles of elec- 
trons transferred in the reaction, F is the Faraday (96,500 coulombs/mole of elec- 
tron = 23,060 cal/volt) and E is the voltage. The quantity nFE represents the 
electrical work which is obtainablé from the cell. At standard state, 


AG? = —nFE 
where £" is the standard potential of the cell. Then we have 


1 m 


—nFE = —nFE -|- RT Іа ~ 


so that Ei Ет =Й ЕТЕ 


pos рат 
In these reactions п тау be taken rather loosely as the number of electrons involved 
in the cell reaction. Applying the above considerations to a half cell reaction, 
the electrode potential may be deduced as follows. An clectrode reaction may De 
written according to international convention: 


oxidant + ne = reductant 


Then we have, 
pig RD sre рэ ү АТ ү ао, 
nF dox nF agrea 
where E is the observed potential of the redox electrode at temp. Т, rclative to the 
standard hydrogen electrode. E? is the standard potential, п is the number of 
electrons gained by the oxidant and aox and agea are the activities of the appro- 
priate species. R is the gas constant (1.9872 cal/degree/mole or 8.31 volt-coulomb) 
and Е is the Faraday. For our purposes activities may be replaced by concentra- 


tions so that 


cu RI Coe 0.0591 [Ох] 
E EE ЛЕ |" Свег = Е + —n. 108 TRed] 


at 25°C. It follows that when the concentrations of the oxidant [Ox] and of the 
reductant [Red] are equal, E becomes equal to E^. Some standard oxidation 
reduction potentials are given in Table 7.2 at 25°C. 

At this point it is necessary to elaborate on two current practices with regard 
to the sign of oxidation-reduction potentials. The international convention given 
in Table 7.2 are really standard reduction potentials. However if we write the 
oxidation-reduction reaction according to the American conyention: 


Reductant = Oxidant + пе 
10 . 


“бу, 


146 INORGANIC CHEMISTRY 


then the reaction points to oxidation so that the standard potentials will be really 
oxidation potentials, taking the following form: 


WOR ERTS TOR КЕ 050591 [Ox] 
Eom EE E 07 5 10 [Red] 
where E” is the standard oxidation potential. Writing a common example the two 


conventions are: 


International : Fet +e Fett E? = + 0.77 volts 
American : Fett = Fet + e; E? = — 0.77 volts 


According to the international convention the more positive the E° value (the 
higher the standard reduction potential) is, the greater is the tendency of the oxidant 
to pass to the reductant, that is, a stronger oxidant has a greater positive E^ valuc. 
The more negative the value of E? is, the weaker is the oxidant or in other words 
the reductant will tend to be oxidised. On the contrary according to the American 
convention the more positive the E? value (the higher the standard oxidation 
potential) is, the greater is the tendency for the reductant to pass on to the oxidant 
form. Also the more negative the E° value is, the greater will be the tendency 
for the oxidant to pass on to the reductant. Let us take the following couples: 


Couple International Convention Couple American Convention 
Се» + е г Се; E° = 1.44 volts | Ce?* = Cet* + e; E° = —1.44 volts 
Fet + e = Fet; E° = 0.77 volts | Fe?t = Fe?* + e; E> = —0.77 volts 


According to the international convention Ce'*/Ce?* couple having a more 
positive E^ value than the Fe?*/Fe?* couple means that Се*+ is a stronger oxidant 
than Fe*+. Therefore Ce*+ will oxdise Fe** ion. But the American convention 
shows that Ce?*/Ce** couple has a more negative E^ value than the Fe?*/Fe?* 
couple meaning thereby that Ce?* is a weaker reductant than Fe?* so that Fe?+ 
will reduce Ce** to Ce?*. So whichever convention we follow correctly we come 
to the same conclusion. However we will use the international convention in our 
subsequent discussions. 

Note that the most powerful oxidising agents are the left hand ions at the 
top area of Table 7.2. Thus Fs, S2077, MnO, are the most powerful oxidants 
with high positive potential values for their couples, whereas the corresponding 
reduced forms are the weakest reducing agents. The oxidant of a couple with a 
more positive standard potential value will, in general, oxidise the reductant of a 
couple with а less positive (or negative) standard potential. Conversely the reductant 
of a couple with less positive standard potential will, in general, reduce the oxidant of 
the couple with more positive standard potential. 


7.7. FORMAL POTENTIALS 


Standatd potentials E? are evaluated with respect to activity and with all 
ions expressed in simple ion forms as shown in Table 7.2. In practice the solution 
taay be quite concentrated making activity and concentration unequal and further 
may contain the ions not in their simple form but in the form of complex ions. 
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Under such conditions the activities of the species are smaller than their concentra- 
tions. The actual species involved may often differ from those to which the stand- 
ard potentials refer. To recognise such situations, standard redox potentials arc 
replaced by the more practical and useful formal potentials. The formal potential 
is the experimentally determined potential of a solution having equal formal 


Table 7.2. Standard Oxidation-Reduction Potentials (25°С) 


Half reaction 4 E' (volts) 


f^ Fa + 2e = 2F- 


Зои река oS tse a Lone у ома тА + 2.01 
оо ее РАНА |e Wiese + 1.82 
MnO,- + 4H+ + Зе = MnO, + 2ЊО — e + 1.69 
Се е Cette anc asap ty Sy И Ue vis ае + 1.44 
MnO,- + 8Н+ + Se = Мп + АН,0 o eee + 1.52 
Cl, + 2e = 2Cl- Lisa Ни alates + 1.36 
Cr,0,2- + 14H* -- бе = 2C* ++ THO eee ee 3521/33 
8 НООЧА ОЕ ex Вет ИТТЕ ME NIST Sete ds + 1.07 4 
Зо снови да es Hub ира once ni el Rad sie 4- 0.92 5 
S JC за Cub А59 oo AU Gies cii qa + 086 | 
= | 0, + 29,0 + де = ДОНИО x 107М) eee + 082 |5 
Sie He сен Nia Ca S09? |5 
È Fe* + e = Fet МАЦИНИ a a САУУ + 0.77 g 
am Cubs T Co e CUCA es ke АНД са о 
S Еее РОАН НАИСА IU S О E 
Ж [Fe(CN),- -- е = [Fe(CN).]'7 Mr eens + 0.36 E 
9 Са СИ Е е Bsp АНУ ШЕЕ rd + 0.15 - 
СН еде ње Spit ce EPIS DS d e saine F + 0.15 
| Py ERE D ЕНЕ Vendo s e en See У НЕ 0.00 
Nix 3: pies s Doo dU o АВА И Ае — 0.26 
| 2H4(103 10-7M) 4+ 2e Њен — 041 
он AMAT ER ОГА: — 041 
| Fe(OH), + e = Fe(OH): --OH-  ........ ts Обен 
| AsO- + 3H,O + 2e = Н„АзО,- + 4ОН- ........ — 0.67 


+ 


tance that might accompany the oxidised and reduced species under the actual 
reaction conditions. Formal potentials cover the effects of the concentrations 
of the species, pH of the solution, any complexation in solution etc. Formal con- _ 
centrations or formality F is the number of formula weights of a substance per | 
litre of the solution. Note for example, that the standard potential of Hg,?* + 
2e = 2Hg is + 0.79 volts whereas the formal potential of the calome! electrode 
in saturated KC! is -- 0.2458 volts. The ferric-ferrous system has E^ = + 0.77 
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volt. But the formal potentials in different acid media аге: -+ 0.73 volt in 1 M 
HCIO,, + 0.70 volts in LM HCI, + 0.68 volt in 1M HSO, and +- 0.61 volt in 
0.5M HPO, -+ 1M H.SO,. Thus in perchloric acid the formal potential is closest 
to E? and in H,PO,-+ H,SO, medium a substantially lower value of the formal 
potential is obtained due to complex formation between ferric ions and phosphate 
and sulphate ions. It should be noted that formal potentials are considerably 
dependent ‘on factors like pH, complex formation and solubility of the species 
involved. 


7.8. APPLICATIONS OF OXIDATION-REDUCTION POTENTIALS 


7.8.1. Prediction of Reactions : Consider the standard electrode potentials of 
the following couples: 


Cu?* + ге = Cu; · Е° = + 0.337 volts 
Agt + ех Ag; E? = + 0.799.volts 


The more negative (that is the less positive) the potential of the couple, the morc 
effective the metal is as a reducing agent. Since the copper (II)—copper couple 
has a less positive potential copper will serve as a better reducing agent. Copper 
metal will therefore pass into solution with greater ease than silver metal. There- 
fore if a copper wire is dipped into an aqueous solution of silver nitrate, copper 
will pass into solution as Cu** leaving electrons on its surface. These electrons 
will react with Аз" ions, which will be reduced to silver. Effectively there will 
be a deposit of silver on the copper wire and the colourless aqueous solution will 

assume a blue colour due to copper (II) ions. On the contrary when a silver wire 
is dipped into a cupric solution there will be no reaction. Similarly, when a zinc 
rod is placed in a solution containing copper (ЇЇ) ions, there is a deposit of metallic 
copper on the zinc rod. On the other hand, if copper rod is immersed in a solution 
of zinc ion, no reaction occurs. The student should convince him of the fact that 
elements having negative potentials can liberate Н, from H* ions (acids) whercas 
elements with positive potentials cannot. 


7.8.2. Calculation of Cell Potentials : The data furnished in the fables of 
electrode potentials can be utilised in’ calculating the electromotive force of a cell. 
Cell potentials can be calculated by adding algebraically the standard electrode 
potentials of the electrodes in the cell. Thus the cell potential of the cell сап be 

Zn | 202+ || Ag+ | Ag 
derived by adding algebraically the two single electrode potentials (—(— 0.763) 
+ 0.799 = 1.562 volts). Since the zinc side has a negative potential there will be 
release of zinc ions in solution. On the other electrode silver ions from solution will 
be deposited on the silver electrode surface. Electrons will flow from the zinc 
electrode to the silver electrode. A cell potential diagram is shown in Fig. 7.3. The 
cell potential of the cell 
Zn | Zn?+ | Fe?+ | Fe 
is found to be [ — ( — 0.763) — (0.44)] = 0.323 volts. 


| 
| 
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It should be pointed out here that in order to make atom balance ог electron 
balance between two half cell reactions we are free to multiply any of the half. cell 
equations by a coefficient. However we cannot multiply the half cell potential by 
any coefficient. The Е? remains unaffected. This is because potential values measure 
losses of some electron per atom or ion and remains independent of the total number 
of atoms or ions of the variety. bo 


7.8.3. The Utility of Formal Potentials : The use of standard potentials may 
lead to erroneous conclusion. For example the standard potentials of ferrocyanide- 
ferricyanide couple and iodide-iodine couple are: | 

[Fe(CN),?- + е = [Fe(CN) 4^; E? = + 0.36 volts 
I, + 2e = 217 3: E° =. + 0.54 volts 
Since the iodine-iodide couple has a greater positive potential than the ferri- 
cyanide-ferrocyanide couple. the iodide ion appears to be an inferior reducing 
agent than the ferrocyanide ion. This means that 


iodine is a better oxidant than ferricyanide ion. osl AtA 
Therefore it would be expected that iodine would 
oxidise ferrocyanide to ferricyanide ion: oe 


2[Fe(CN),]*- + Та — 2IFe(CN4]*- + 21- 
In reality, however, itis the ferricyanide ion that 
oxidises iodide ion to free iodine in acid medium. 
This apparent violation of the concept of stan- 
dard potential can be explained in terms of for- 
mal potentials. In solutions of low РНИМ Н+), 
ferrocyanide and ferricyanide ions combine with 
one or more hydrogen ions to form hydrofer- 
rocyanic and hydroferricyanic acid species. Since 
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increasing charge on a metal ion increases its’ WS eer) 
acid character, the reactivity of ferrocyanide $ 0323 

ion (Fe?*) with H* ion is more than the reacti- m TUA 
vity of ferricyanide ion (Fe*+) with H+. Ferro- ; И аи) 
cyanide is а stronger base than ferricyanide and oar 

hence the enhanced activity. Thus the concen- Ei. 7.3 Cell potential diagram 


tration of ferrocyanide is appreciably diminish- 

ed in acid solution, and the potential is raised from + 0.36 volts in neutral solu- 
tion to -+ 0.71 volts in LM НСІ, H,SO, or HCIO,. The formal potential is now 
above that of iodide-iodine couple, and oxidation of iodide to iodine by ferricya- 
nide becomes a reality. 

Comparison of the potential values of iodine-iodide couple (+ 0.54 volts) 
with that of the cupric-cuprous couple (+ 0.15 volts) would also indicate that 
cupric ion will not oxidise iodide ion to iodine. Since iodometric estimation of 
copper (II) involves cuprous iodide, which is only sparingly soluble, the couple 


Cui + I- +e = Cul (E° = + 0.86 volts) | 
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nced be considered rather than the couple 
Си?+ + e = Cut (E? = + 0.15 volts) 


7.8.4. Equilibrium Constants, Oxidation-Reduction Titration Curves and Choice 
of Indicators : We have earlier shown that a study of the standard potentials of 
different couples helps us in predicting which reactions are possible and which ones 
are not. The standard potentials also help us to calculate the equilibrium constant 
of a redox reaction, and therefrom to decide if a particular reaction will proceed 
to completion. Let us take a simple example of oxidation of ferrous ion to ferric 
ion by ceric ions in the presence of dilute sulphuric acid. ‘The reaction is: 


Cett + Fett = Ce* + Fe'* 
Equilibrium constant, K, is given by 
[Ce?*] [Fe?*] 
[ce] [Fe?*] 
The above reaction involves two systems, the ferric-ferrous ion electrode (1) and 
the ceric-cerous electrode (2). Then taking the E^ values from Table 7.2 we have: 


m 


es) је). [Fe?*] 
E, = Еу? + 0.0591 log Пешту = 077 + 0.0591 log сеят] 


[Се!+] [Cet+] 
[Ce +] [Ce?*] 


E, = Е, + 0.0591 log 


= 1,44 + 0.0591 log 


Then log K = [E,—0.77—E, + 1.44] 


5097 


when equilibrium is established there is no motive for further reaction, the e.m.f. 
of the cell will be zero, and the potentials E, and Е, of the two electrodes will be 
equal. Then 


log К = 11.3; К = 2 x 104 


Since the equilibrium constant of the reaction is very high the reaction will proceed 
to completion. 


у We can also derive the equilibrium constant in an alternative way by making 
use of the free energy change in the reaction. The individual half cell reactions are: 


Се+ + е = Се» ; Ej, = 1.44 volts 
Већ + e = Бе» ; Еү = 0.77 volts 
so that the overall reaction is: 
Cet! -- Fe?* = Сез+ + Fe?*; E^ = 0.67 volts 
Then the standard free energy change of the reaction is given by 


AG? = — РЕ? with E? = 0.67 volts, remembering л = 1; 
since AG? = —RT In К = —nFE° 
= BE 999 gp Kand tog K = E 


0.0591 
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In the above сазе п = 1 so that log K = га = 11.3апа К = 2x10" 
We take one other example of common analytical importance. 
Snit + Је = би" ; E? = 0.15 volts 
Fet + е = Fet ; E? = 0,77 volts 


The standard free energy change of the overall reaction 
Sn?* + 2Fe?* == 2Fe?+ + Sn'*; E° = 0.62 volts 
would be AG? = —nFE? = —2ЕЕ° (п = 2) 


2x0.62 
Then log K — 7059г ^ 21 
К=з" 


The reduction of ferric ions by stannous-ion must threfore proceed to comple- 
tion. In general, a couple of higher positive potential will oxidise a couple of 
lower potential When the potentials of the individual couples are similar, the 
value of K will be small and the reaction will remain incomplete. In such cases, 
the equilibrium may be shifted by insolubility of the product or through com- 
plexation. 

The standard potential data can also be used to determine the theoretical 
shape of a titration curve involving oxidation of ferrous iron by ceric ion. On 
addition of ceric ion oxidation will occur and consequently the ferric-ferrous 
ratio will continue to increase. The electrode potential can be calculated given the 
knowledge of E? and the [Fe**]/[Fe**] ratio. If we start with 100 ml of 0.1 N Fe?* 
and titrate this with 0.1 N Ce** solution we have: 


Volume of Сеї+ solution; * [Fe?*]/[Fe?*] = E? + 0.0591 log [Fe?*]/[Fe?*] 

10 ml 10/90 —— 0.77 + 0.0591 log 10/90 = 0.69 volts 
20 20/80 0.77 + 0.0591 log 20/80 = 0.73 

50 , 50/50 0.77 + 0.0591 log 50/50 = 0.77 

90 , 90/10 0.77 + 0.0591 log 90/10 = 0.83 

99.9 ml 99.9/0.1 0.77 + 0.0591 log 99.9/01. = 0.95 
1000 ,, Ex (0.77 + 1.44)/2 = 1.10 
100.1 ,, Eo 1.44 -+ 0.0591 log 0.1/100 = 1.26* 
1S 55 144 + 0.0591 log 1/100 = 1.32* 
110909 у= 1.44 + 0.0591 log 10/100 = 1.38* 


In the calculation of the electrode potential prior to the equivalence point we need 
to consider only the [Fe?*]/[Fe?*] since there will be no appreciable [Ce**] ion 
in solution. At the equivalence point calculation of the potential involves some 
approximations and the potential is given by one-half of the sum of the two single 
electrode potentials. After the equivalence point addition of ceric ion simply 
increases the ceric-cerous ratio.and the potential calculation has to take into 
account this ratio along with the standard potential, 1.44 volts. The ferric-ferrous 


ЖЕ = E? + 0.0591 log [Ce**]/[Cc?*1 


~ 
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ratio need. not be considered since there is practically no ferrous ion left after the 
equivalence point. If these theoretical potential values are plotted against volume 
of ceric solution the curve will be the one shown in Fig. 7.4. Potential slowly 
rises, then suddenly shows a steep rise at the equivalence point and then rises slowly 
again. The steep riseis connected with 
a relatively large change in the ferric- 
ferrous ratio at the equivalence point. 

The choice of an indicator in 
such a titration is dictated by the 
oxidation potential of oxidised-reduc- 
ed form of the indicator. Thus [Fe 
(phenanthroline),]?*/[Fe (phenanth- 
roline);* couple has an oxidation 
potential of 1.14 volt and will serve 
as a suitable indicator in the titration 
SPHERE UR : of ferrous ion by ceric ion in dilute 
^n NAR ON NR RA sulphuric acid medium. All the fer- 
Й ~ 1 Sd rous ion is first oxidised by the ceric 
Fig ips Rie eg bl латае а. curve jon with a potential of 1.1 volt at pe 

in dilute HSO, equivalence point. The next drop о 

the ceric solution will oxidise the 

indicator and the visual endpoint of the titration will be marked by a sudden 
change of colour from red to blue. у 

Another common example may be discussed profitably. Ferrous ion is quan- 
titatively titrated by potassium dichromate in acid medium using diphenylamine 
as an indicator. Diphenylamine (1) is first oxidised to diphenylbenzidine (11), 
which is the effective indicator and may be further oxidised to diphenylbenzidine 
violet (ИТ) The oxidation-reduction potentials of the three couples are: 

Fe?+/Fe®+, 0.77; Cr?0,2--+- 14H t+ 6¢/2Cr*++-7H,0, 1.33; diphenylbenzidine 
violet/diphenylbenzidine, 0.76 volts. It is immediately appares:t that dichro- 
mate will simultaneously oxidise both the ferrous ion and the indicator. It is 
essential therefore that the potential of the Fe*/Fe?* system be lowered in order 
that diphenylamine can be used as an indicator. Phosphoric acid is therefore 
added prior to the start of the titration. The phosphoric acid forms a complex 
with ferric ion [Fe(HPO,)]+ and thus substantially lowers the potential. Тће 


2 О-у Or О-О-О *2H* 2е 
| -O-OzO--0 


formal potential of the ferric-ferrous system in 0.5M H;PO, + 2N HSO; is 0.61 
volts. After all the ferrous is oxidised to the ferric state, dichromate oxidises the 
indicator. The end point is marked by a sudden change of colour from pale green 
to violet. However if N-phenylanthranilic acid (oxidised form, purple red; reduced 


13 


E (in volts) 
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form, colourless) of redox potential 1.08 volts in 1N H,SO, medium is used as 
indicator, the titration may be done without the use of phosphoric acid. For a 
dependable colour change at the end point the E? value of the indicator should be 
at least 0.2-0.3 volts more positive than the standard formal potential of the system 
under titration. : 


7.8.5. Influence of Precipitation, Complex Formation and pH and Redox 
Potentials; Standard potentials refer to the reductant and the oxidant of a redox 
couple being present at standard condition i.e., 1 M solution and 1 atmosphere 
pressure. In reality when chemical reactions are progressing hardly do we encounter 
standard conditions. In the event of precipitation or complex formation concentra- ' 
tion of one of the reactants or products is being lowered. In such cases Е? values 
no longer hold; instead we get formal potentials. Because of precipitation or 
complexation an oxidant may be made to appear stronger for weaker) or a reduct- 
ant may be made stronger (or weaker). As a result some reactions which may 
appear forbidden from a consideration of standard potentials alone may turn out 
to be feasible in practice. In some redox reactions H+ is also a participant and 
concentration of H* ([H*]) appears in the equation of oxidation —reduction 
potential. Addition or removal of H* via change of pH of the solution wil! even- 
tually influence the potential value and consequently will influence the course 


and nature of the redox reaction. 
It is a common-place knowledge that cupric ion can be estimated iodometri- 


саћу by titrating the iodine liberated from iodide ion: 
2Cut* + 4I- = 2Cul | + 
А consideration of the potentials of the cupric-cuprous couple and of the iodine- 


iodide couple: 
Cutt + e = Cut: Е + 0.15 volts 


I; + 2e = 21; E^ = + 0.54 volts 
would indicate a reverse reaction: 
2Cu* Т 2Cu* + 2 


The anomaly can be explained by taking info consideration the sparing solubility 
of. curprous iodide. Assuming the iodide concentration as 0:1 M and taking the 


solubility product of Cul as 107? we have: 
-18 
Kg = (би Ico = Tos 07M 
The potential of the Cu**/Cu* couple then becomes: 


‚00591 [Cu** 
E = 015 4. 00291 ор [71 


= 0.799 + 0.0591 log [Cu?+] 
Since 0.799 is larger than the Ё? of the 1./21- couple it follows that the preferred 


reaction is: 
Iut + А = 2Cu 1] 1, 
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Potassium permanganate is a strong oxidant and is often used in the estimation 
of ferrous iron. The relevant E^ values are: 


MnO,~ -+ 8H* + 5e == Mn?* + 4H,0; E^ = + 1.52 volts 
Fet + е = Бе: + DOE? = + 0.77 volts 
If the acidity of the solution is maintained by the use of H.SO, no complicating 


side reactions occur. On the contrary if НСІ is used complications arise due to 
oxidation of the chloride ion to chlorine: 


2MnO,~ + 10CI- + 16H* = 2Mn** -- 5CI, + 8H,O 
Cl, + 2e = 2Cl-; E? = + 1.36 volts. 


The chlorine formed in the side reaction, however, is expected to oxidise the ferrous 
ion immediately to ferric. Unfortunately chlorine has a low solubility in aqueous 
acidic solution and much of it is lost to air. In order to obviate this side effect 
in HCI medium Zimmermann-Reinhardt solution (the so called preventive solution) 
is added to the ferrous solution prior to the titration. The preventive solution 
contains manganous sulphate, sulphuric acid and phosphoric acid. The redox 
potential of MnO,~/Mn** couple is given by: 


0.0591, [MnO,-] [H+]. 


B= (Е + у dog sis 
ЈА 0.0591 | [M07] З, т 
= 1,52 + 53> lg open + log [H*] 


Under standard conditions, the concentrations of both MnO,- and Mn?* are 1 M, 
their ratio being 1. On the addition of the preventive solution there is already 
much Mn** present in the ferrous solution so that the ratio [MnO,-]/[Mn?*] is 
considerably lower than 1. The redox potential will, then, be substantially lower 
than the E? value of + 1.52 volts. Thus permanganate is made a weaker oxidant. 
Again presence of phosphoric acid complexes iron (III) as colourless [Fe(HPO,)]*, 

_ effectively lowering the concentration of free Fe?* in solution. The redox potential 
of Fe**/Fe** couple is also reduced so that ferrous iron turns out to bea stronger 
reducing agent than it appears from its E? value. In summary the preventive 
solution does not allow КМпо, to oxidise НС]. It may be mentioned, however, 
that some Mn(III) is produced which quantitatively oxidises Fe?* to Без“, 

The Hg**/Hg;?* couple has E? of + 0.92 volts. Fe?*, under standard condition 
reduces Hg** to Hg;**. In the presence-of thiocyanate i ion Hg?* is strongly com- 
plexed as [Hg(SCN),]?- whereby the concentration of free Hg?* in solution is 
lowered. If the ratio is lowered from 1 to 10-? M the E will change from E°=0.42 
volts to +-0.743 volts. Thus Hg;** becomes a stronger reductant than Fe?*. In fact 
Hg;** can be detected by its ability to force reduction of Fe?* to Fe? in the presence 
of thocyanate ion. 

That pH of a solution is very important in deciding the direction and course 
of a redox reaction (where H+ is a participant) is nicely demonstrated by the 
oxidation of iodide ion in acid medium by AsO,- and the oxidation of 
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AsO;?- by iodine in neutral or alkaline medium. The relevant oxidation-reduction 
potentials are: 
AsO- + 2H+ + 2e = As0j--FH,0; B= + 0.56 volts 
Пан 20 ; 0 Бо = + 0,54 volts 
The following reaction takes place when the medium is sufficiently acidic: 
AsO- + 21- + 2H* = AsO- + 1. + H,O 
If the solution is brought to a pH 8 by the addition of NaHCO, the [H+] becomes 


10-8, This lowering of [H+] from standard value of 1 to 10-8 now entirely changes 
the very direction of the redox reaction. The E of the AsO,°-/AsO,?~ is given by: 


00 2) [10-5] 
E — 056 4- мо log пот 


. 0059 , [А0,- 
0.088 -- —7— log CI 


il 


It is immediately apparent that the potential value of the AsO,3-/AsO,°> syst zm: 

at pH 8 drops far below that of the I,/2I- system, thus making AsO,P~ a far weaker 

oxidant than iodine. Therefore the reverse reaction now takes place: i 
AsO,*- + I, + HO = AsO?- + 2H* + 21- 

It is а common practice to determine copper (П) iodometrically in a mixture 
of copper (II) and iron (III) by prior masking of the iron (III) by excess fluoride 
ion. On the addition of excess fluoride ions iron (III) is converted to a strong com- 
plex [FeF,]*~ and as a result the redox potential of the Fe?*/Fe?* is substantially 
reduced from the value of 0.77 volts so that iron (LII) can no longer oxidise any 
iodide ion to iodine. But copper (II) does not form such a fluoro complex so that 
it can still liberate iodine from iodide ion. 


7.9. EQUIVALENT WEIGHT OF OXIDANT AND REDUCTANT 


In an elementary way the equivalent weight of oxidants can be calculated 
from the number of oxygen atoms that may be supposed to be released from 
some hypothetical equations such as: 

2KMnO, + 3H;SO, — K;SO, + 2MnSO, + ЗН,О + 50 

K,Cr,0, + 480, — K580, + Cr,(SO), + 49,0 + 30 
The equivalent weights of KMnO, and K;Cr;O; аге just one-fifth, and one-sixth 
of the respective formula weights. On the other hand the equivalent weights of 
reducing agents can be determined from the way they would react with oxygen: 

2Na,8,0, + О + H:O > Na,S,O, + 2NaOH 

This reaction shows that the equivalent weight of sodium thiosulphate is the same 
as its molecular weight. — . | 

The ideas developed in this chapter lead to the following approaches for 
calculating equivalent weights. _ 
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Jon-electron method: The equivalent weight of an oxidant.or reductant is the 
molecular weight divided by the number of electrons which the oxidant or the 
reductant gains or loses in the reaction. This can be ascertained from the correct 
partial equations that may be written with the oxidant or reductant: 


MnO,- + 8H* + 5e == Мпе + 4H,0 
CrO- + 14H* + бе = 2015» + 7Н,О 
| 25,02 => 5,00 + 2e 


Тће above ion-electron partial equations give the equivalent weights of permanga- 
nate and dichromate as one-fifth, and one-sixth of the respective molecular weights. 
The equivalent weight of sodium thiosulphate is its molecular weight. 

Oxidation number method: The equivalent weight of an oxidant or reductant 
is given by the molecular weight of the substance divided by the change in oxida- 
tion number that the oxidant or reductant suffers in the reaction, 


SIEUT +2 +6 +3 
МпО,- —-› Mn?+; Cr,07- ——> Crt 
і +2 42.5 


$,0,- —+ 5,07 


For the thiosulphate the change in oxidation number comes out to be one unit 
for each mole of sodium thiosulphate (two sulphur in $,0;*- has a total: of oxida- _ 
tion number of 4 and two sulphur in $,0,?~ has 5). Thus we arrive at the same 
result we had from the ion-electron method. 

It is to be remembered that the equivalent weight of a particular oxidant is 
not а constant quantity. It may change depending on the nature of the oxidation- 
reduction reaction. For cxample, potassium permanganate in acid medium, forces 
a five electron oxidation but in alkaline medium а three electron oxidation (oxida- 
tion of formate to carbonate). Hence in acid medium the equivalent weight is 
one fifth of the molecular weight and in alkaline medium only one-third of the 
molecular weight: 


2KMnO, + 3HCOOK = KHCO, + K,CO, + 2Мпо, + H,O 
MnO, + 2H,0 + Зе = MnO, + 40H- 


7.10. STANDARD ELECTRODE POTENTIALS AND METAL 
EXTRACTION PROCEDURES . 

Standard electrode potentials, as we have already seen, are measures of the 
reducing ability of the metals or conversely the ease or difficulty of reducing the 
metal ions to elementary states. The couple with greatest negative potential evi- 
dently has a metal ion which is the most difficultly reducible to elementary state. 
On the other hand the couple with the highest positive potential has a metal ion 
which is the most easily reducible. For the most difficultly reducible ion we need 
the most powerful reducing method, and for the most easily reducible ion the 
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least powerful one wiil do. From these considerations metal ions.can be oe 
into four categories: Ra 


(a) couples with potential more negative than—1.5 volts 

(b) couples with negative potential in the range—1.5 to—0.75 volts 
(c) couples with negative potentials in the range—0.75 to 0.0 volt 
(d) couples with potentials more positive than 0.0 volts. 


For metal ions of category (a) electrolysis is used. For elements of category 
(b) an clement with a pronounced affinity for oxygen is used to reduce the metal 
oxide, for example reduction of Fe?*, Cr+, ion by Al in thermite process. Carbon 
reduction is employed for" couples of category (c) and simple heating is enough 
for elements of category (4). Ў 


STUDY QUESTIONS 


1. The E? values of the couples indicate that MnO, cannot oxidise chloride ion to chlorine. 
Yet it is an experimental procedure in the laboratory to prepare chlorine from chloride ion by 
oxidation with MnO;. How do you reconcile? (see chapter 20) 

Ch + 2e = 225; E? = 1.36 volts 
- MnO, + 4H* 4,2e = Маз+ + 23,0; Е? = 1.23 volts 

2. For reaction: I, + Н:50, + Н.О > HI + H.SO, (а) state the half reactions (4) state 
the oxidation numbers of each of the atoms (c) name the oxidant and the reductant and (d) balancc 
the equation by ion-electron method. 

3, Perxenate ion XeO,- smoothly oxidises manganesc (1I) to permanganate in acid medium, 
itself being reduced to Хео;. Balance the reaction by ion-electron method (see chapter 21). 

4, We intend to force the following reaction; 

AM + ге > А; Е° = 2.1 volts 

Indicate which of the following couples can force the reaction. (а) В: /В; E^ = 3.4; (0) Cc, 
E? = 1.8 (0 D**+/D, E° = —2.8 (d) E*/E; E? — —1 volts. 

5. On the basis of E^ values choose the two half cells that will produce the (a) highest voltage 
and (5) the lowest voltage; 

Zu**[Zn (—0.76) ; Ме" (Ме (—2.37) Cu*/Cu (+ 0.337); Ғез*/Ее (—0.440); Cd**/Cd 
(—0.403) volts. n 

6. Study the following E^ values and predict which would react with acid? 
A*[A; E* = —1.1; Bt/B; E° = 1.2 and СУС = —2. volts 

7. Powdered silver metal is added to a solution of 1 M Fe(SCN),. Predict the reaction that 
might take place. Note that AgSCN is very sparingly soluble. Use these values; E? for Fé*+/Fe** 
is + 0.77 and E? for Ag*/Ag is + 0.799 volts. 

8. In an aqueous solution containing Fe?* and Fe ions, the potentialis + 0.70 volts. Taking 
the E? value of Fe?*/Fe?* as + 0.77 volts calculate the Fe?*/Fe** ratio in the solution. 


9. There is no inconsistency or contradiction between the International and American con- 
ventions regarding electrode potentials. Comment. 

10. Calculate the solubility product of AgCI from the following standard e.m.f.: 

н. | на! | AgCI, Ag; E° = + 0.222 volts. Ag*/Ag; E? = + 0.799 volts 
Assume activity of AgCl = 1. 
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AgCI (s) = Ав? -+ Cl- (in solution) 
[Аз СК] _ [^g] [Cl] — K 
RT REDI USB 
[AgCI] 1 
The corresponding celi is: 
Ag, Ав* | Cl-; AgCI, Аз......(Е°н, ;н+ = 0.000) 
E^ = Eng, AgCLCI- — L' Ag Ast 
= 0.222—0.799 = —0.577 volts 
| E: —0.577 — 


log Kse = 0591 ~ 005] — 


1. Квр = 10738 = 1.6 x 1079 


11. Standard electrode potentials must have a connection with the electronic configurations 
of the elements. Comment. 


K 


—9.8 


12. Studythe standard potentials to predict which of the elements potassium and silver is a 
noble metal. Connect this ‘commoner’ or ‘noble’ behaviour with electronic configurations of the 
elements. 


13. A student is asked to name the relative advantages and disadvantages of K MnO, and К. 
Cr,O,. He writes that KMnO; is a superior oxidant, is self indicating but cannot serve as a primary 
standard whereas K,Cr,O, is comparatively weak, needs another indicator but is an excellent 
primary standard. Comment, elucidate and add new points to make the answer complete. 

14. The Hg?*/Hg;?* couple (E^ = 0,92 volts) is more oxidising than the Fe?! /Fe** couple 
(Е* = 0,77 volts). Yet Hg,** reduces Fe** to Fe** in the presence of thiocyanate ion, Comment. 

15. IN KMnO, solution may mean 0.33 M or 0.20 M KMnO,. Comment. 

16 Given below are the electrochemical cells and their standard reduction potentials. Explain 

from these data (a)which way electron flows in the outer circuit (5) which electrode functions as the 


anode and which one as the cathode (c) what will be the e.m.f. of the cell and (d) which of thc 
three metals is the most reducing? 


(i) Zn/Zn?* || Ag*/Ag (i) Cd/Cd** || Zn**/Zn 
Zn**--2e = Zn; E? = —0.763 volts 
Cd** + 2e = Cd; E" = —0,431 volts 
Ag* te = Ag; E? = + 0,799 volts 


17. Explain the difference between standard potential and formal potential, Present a concise 
account ofthe effect of (а) pH and (b) precipitation and (c) complexation on redox potential, 


18. Clearly distinguish, with examples, an electrochemical ceil and an electrolytic cell. Discuss 
in this context the two ways lead storage battery behaves. 
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Acids апа Bases 


Our recognition of some chemical substances as acids and certain others 
as bases rests on some experimental facts about these substances. Acids and 
bases possess, in a sense, some opposite properties. Acids and bases have been 
recognised by their effects on some organic dyestuffs. For example, acids turn 
blue litmus red, and the bases turn red litmus blue. Acids counter the effect of 
bases and vice versa, the process being called neutralisation. Some acids liberate 
hydrogen when reacting with some metal ions. 

With the passage of time more and more experimental informations accumula- 
ted and there arose a need to define acids and bases on a rational basis. The con- 
cepts of acids and bases developed one after another tend to make the definitions 
more and more broad based. In this chapter the different concepts are first des- 
cribed, and then acid-base properties and reactions are considered in water, the 
most universal solvent available to chemists. We need to be familiar with the - 
following five concepts: 

1. The Arrhenius concept У 2. The solvent system concept 

3. The protonic concept 4. The electronic theory 

5. The soft and hard acids and bases principle. 


8.1. THE ARRHENIUS CONCEPT 


Since Arrhenius was one of the early exponents of the electrolytic dissociation 
theory, he utilised the dissociation model to define acids and bases. His classi- 
fication of acids and bases was based on the theory that acids, when dissolved in 
water, dissociate into hydrogen ions and anions whereas bases, when dissolved in 
water, dissociate into hydroxyl ions and cations. ii 

Acid-base cquilibria could now be treated in a quantitative way and acid- 
base neutralisation could be viewed to result from the union of the hydrogen ions 
with hydroxyl ions to form water molecules: 

H' + OH- — НО 


160 INORGANIC CHEMISIKY 


The Arrhenius concept lacks in generality. The most serious limitation is 
that it recognises dissociation and acid-base reactions in aqueous medium only. 
It docs not recognise the role that non-aqueous solvents can play in the dissocia- 
tion of acids and bases into ions, According to this concept we cannot regard 
hydrochloric acid as an acid or an amine as a base. in benzene as a solvent. A 
neutralisation process, therefore, is restricted to aqueous medium alone but many 
non-aqueous solvents like liquid ammonia, liquid sulphur dioxide etc. are known 
to initiate comparable acid-base neutralisation ‘processes. The concept also leaves 
the dissociated hydrogen ion at large, and does not elaborate on its fate in solution. 
The concept restricts bases merely to hydroxides. Thus even metal oxides would 
not be regarded as bases. 


8.2. THE SOLVENT SYSTEM CONCEPT 


Franklin extended the dissociation principles fo non-aqueous solvents and 
realised that non-aqueous solvent molecules may also dissociate into two opposi- 
tely charged ions. Thus the two parallel dissociation reactions of water and liquid 
ammonia can be written as: 


"а H,0 = Н+ + OH- and NH, = H- + МН 


Since we now know that a bare proton will readily polarise other anions or mole- 
cules, we write a H+ as H,O* indicating that it is a solvated proton that exists 
in solution. Similarly H+ arising out of dissociation of NH, will also be solvated: 


H+ + H,O + H,O* and H+ + NH, — NH,* 
so that the overall dissociation of the two solvents will be: 
2H,0 = H40* + OH- and 2NH, = NH,* + NH, 


Franklin argued that if an acid released H+ in water to form H,O* ion then an 
ammonium salt, NH,CI, by releasing NH,* in liquid ammonia must also be termed 
an acid. If NaOH, by virtue of its releasing hydroxyl ion in aqueous medium, 
is termed а base in that medium, then sodium amide should also be termed a base 
in liquid ammonia since it releases the amide, NH,-, ion. The dissociation (or 
autoionisation) of non-aqueous solvents is directly responsible for the nature 
of the chemical reactions that can be initiated in such solvents. 

According to the solvent system concept, an acid is a substance which by dis- 
solution in the solvent forms the same cation as does the solvent itself due to auto- 
tonisation. A base is one that gives on dissolution in the solvent the same anion as 
does the solvent itself on its own ionisation. Some neutralisation reactions accord- 
ing to this concept are depicted in Table 8.1. Acid behaviour is not confined to 
solution containing hydrogen ion alone. Even in non-protonic solvents (e.g. 
SO,, COCH) acid-base neutralisation reactions can be performed. Despite the 
broader outlook of this concept, it has limitations too. Acid-base phenomena 
still seem to be dependent on solvents, and that the acid-base reactions still are 
dictated by the kind of ionisation that the solvent and the reactants undergo. 


УЗОР". 
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Table 8.1. Neutralisation Reactions according to The Solvent System Concept 


Solvent Acid + Вазе > Salt . + Solvent 
H,O H,0+(HBr) OH-(KOH) K*, Br- 2H,0 
NH; NH,*(NH,Br) МН,-(КМН,) К+, Br- 2NH; 
C,H,OH C,H;OH;*(HBr) OC,H;-(KOC;H;) 2K*, Br- 2C,H,OH 
SO, SO**(SOBr;) SO,?-(K.SOs) 2K*, Br- 280, 
СОС, COCI*QCOCIAICL) Cl-(CaCl,)Ca?*+ — (AICI,)2~ 2COCl, 
МО, NO*(NOCI) NO,~(AgNOs) AgtCl- N30, 


| 8.3. THE PROTONIC CONCEPT 


A great advancement was made in the area of acids and bases when Bronsted 

(and simultaneously Lowry) proposed a new concept which is independent of 

| solvents. А substance which can split off a proton (H+) was called an acid while 
| a base was a substance which can take up a proton. A neutralisation process there- 
| fore involves a release of a proton by the acid, and the acceptance of that proton 


by a base. This concept makes acid-base reactions independent of m 
Н ыы ава © 
у |. 
КЫЛК А Cs Cla А РОМЕ 
acid base 
| NH, + OH- —> NH, + H,O 
| acid base 


solvent. Neutral compounds or even ions could be designated as acids or bases - 
according to the protonic concept: 
мн + CH,COO- — CH,COOH + NH, 


acid base 
HSO, + OH- — “HOH + 508- 
acid base 
HCI + CH;N > C,HNH* + Ch 
acid base 


When an acid releases a proton, the residue must be a base, for it is this base that 
can take up the proton to form the original acid. Therefore any acid-base reaction 
really involves two acids and two bases, thus forming conjugate pairs. Thus NH,' 
and NH, form a conjugate pair. A conjugate base of an acid is that part left after 
the proton is lost. Similarly the conjugate acid of a base is the species formed on 
the addition of a proton to the base. An acid exhibits its acid properties only 
when it is allowed to react with a base. Similarly a base displays its basic proper- 
ties only when it is exposed to an acid. Thus effectively all acid-base reactions 
are results of competitions for protons by bases leading to equilibrium of the (уре: 
NH, + OH- = HOH + NH; 
acid, bases acids base; 
11 


* 
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It follows that the stronger an acid is the weaker is its conjugate base, and the stronger 
a base is the weaker is its conjugate acid. Furthermore proton transfer reaction 
leads to the formation of the weaker acid and the weaker base. 

This concept covers a large number and variety of substances under bases, 
for example, hydroxide ion, amide ion, ethoxide ion, pyridine, alcohols, bisul- 
phate ion, acetate'ion and many others. It shows that acid-base phenomena аге 
not dependent on the solvent. Unfortunately, however, by restricting the use of 
the word acid to proton donors, it fails to recognise several other substances, 
for example, SO, AICI;, СОСІ,, SOCI,, etc. which are also known to exhibit 
acid-base phenomena. 


8.4. THE ELECTRONIC THEORY 


Each of the three preceding concepts had its own limitations. The need was 
therefore felt for a concept which can cover all the earlier aspects of acids and 
bases. Lewis, one of the early exponents of covalent bonding, ultimately succeeded 
in explaining all hitherto known acid-base reactions by a concept that required 
the formation of a coordinate link in all such reactions. А base was to be consi- 
dered according to Lewis as an electron pair donor and an acid as an electron pair 
acceptor. An acid therefore combines with a base leading to a coordinate link 
from the base to the acid. Ал acid must have a vacant orbital into which an electron 
pair donated by a base can be accommodated. А base, then, is а substance which 
has at least one unshared (lone) pair of electrons. 

Bronsted concept defined a base as any molecule or ion which accepts proton. 
Lewis concept recognises that the base has an electron pair to donate to H* so 
that during neutralisation a coordiate bond is formed between the donor atom 
of the base and the proton. A typical example is: 


H H t 
Ht + мн = | H<N:H 


Thus all Bronsted bases are bases in Lewis sense also. All the acids covered by the 
other concents are also covered by Lewis definition. Arrhenius considered those 
substances as acids that could release hydrogen ions (protons). Since the proton 
can receive an electron pair from a base, all Arrhenius acids are also acids under 
Lewis definition. The solvent system concept recognises that ammonium chloride 
should behave as an acid in liquid ammonia. It may be noted that ammonium 
ion is but an ammoniated proton and the proton can accept a lone pair of elec- 
trons from a base. Therefore an ammonium ion in liquid ammonia is also an acid 
in Lewis sense. The solvent system considers amide ion a base in liquid ammonia. 
The amide ion is capable of donating a lone pair to an acid, and hence this is a 
base in Lewis sense. The reaction of NHj,* ion and NH,- ion in liquid ammonia 
is represented in Lewis sense as follows: 

H H H 

H:N 4 EEE КЕДЕН е > HN) + ЕН 
H H H 5 


— 
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This reaction shows that amide ion is a stronger donor for the proton than ammonia 
is. Apart from its merit of unifying all previous concepts into one, the concept 
% very broad indeed in its scope. А wide variety of compounds are recognised 
as acids and bases according to Lewis. Some examples are cited to elaborate this 
point. 


F H pov 
| | | | 
1 F-B + М-Н = F—B- N-H 
| 4 | | 
Е N БАН 


NH, behaves as а base and BF, as an acid. Compounds with less than ап octet 
for the central atom (B in ВЕ) are Lewis acids. 


©: и: Оз 
2:- OVS КЕ :0:H c MO Мана: 
6: ü "aO d 


SO, is an acid and H,O a base, SO, like ВЕ, has less than an octet, and will be 
termed an acid according to Lewis. 


3. H+ (from a proton donor) + мо» оу > [ H: NC o | Pyridine 
donates an electron pair and thus is а Lewis base. According to solvent system 
concept pyridine cannot itself ionise and hence the aboye reaction is not regarded 
as an acid-base reaction under the solvent system. The reaction of AsCl, with 
pyridine can be represented according to Lewis concept as: 


СІ : СІ СІ 
| cm She Lis | ee 
А: + NCO еј|а Ам о у = | Амо У |-а- 
Rm Ll и A ds: PONGE 

СІ СІ Cl 
Note that arsenic has an octet in AsCl,. The reaction with pyridine leads first 
to an intermediate with ten electrons around arsenic. In the final ро arsenic 
returns to octet via release of a chloride ion. 


H 

| э+ 
4. Cut + 4 QUON e [e extn] 

H 

H 

| * 
5. Ag* + 2 D = [ sev. | 

H 
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The above reactions leading to the formation of complexes are also acid-base 
reactions according. to Lewis concept. Metal ions are electron acceptors, that is, 
acids and the ligands (NH, in the above examples) are electron donors, that is, bases. 
Cations are Lewis acids and anions are bases. Hence salts are acid-base complexes. 
A Lewis acid is often described as an electrophilic reagent (electron loving) and 
a Lewis base as a nucleophilic reagent. An electrophilic reagent loves to accept 
electrons (lone pair) while a nucleophilic (nucleus loving) reagent loves to donate 
electrons to a nucleus— in fact—to a positively charged ion. 

Unfortunately there is no simple measure of the relative strengths of the 
bases as electron donors or of the acids as electron acceptors. This is a drawback 
of Lewis concept compared to the Arrhenius concept or the Lowry concept. In 
keeping with the latter concepts the relative strengths of acids can be measured 
in terms of the proton releasing ability. In fact, in aqueous medium dissociation 
constants of acids (K4) are invaluable guides to their relative acid character. 


8.5. THE SOFT AND HARD ACIDS AND BASES (SHAB) PRINCIPLE 


According to Léwis concept an acid-base reaction involves an interaction 
of a vacant orbital of an acid (A) and a filled, unshared orbital on a base B: 


A + В—А:В 


The species A is usually called a Lewis acid or a generalised acid. A strong acid A 
and a strong base B, will form a stable complex А : В. The Lewis concept has 
been considerably elaborated to the SHAB principle so that reactions of metal ion 
towards different ligands can be covered and appreciated. 

In order to arrive at a comparative estimate of the donor properties of different 
bases, the preference of a particular base to bind a proton H+ and methyl mercury 
(II) ion, CH;—Hg* was determined. Both the proton and the methyl mercury 
cation can accommodate only ойе coordinate bond but the two cations vary widely 
in their preference to bases. This preferance was estimated from the experimental 
determination of equilibrium constants for the exchange reactions: 


BH* + CHHg(H,O)* = [CH;HgB]* + H,O* 


The results indicate that bases in which the donor atom is N, O, or F prefer to 
coordinate to the proton. Bases in which the donor atom is P, S, I, Br, Cl or C ` 
prefer to coordinate to mercury. The donor atoms in the first group have high 
electronegativity, low polarisability and are hard to oxidise. Such donors have been 
named ‘hard’ bases by Pearson, since they hold on to their electrons strongly. The 
donor atoms of the second category are of low electronegativity, of high polarisability, 
and are easy to oxidise. Such donors have been called ‘soft’ bases since they hold on 
to their valence electrons rather loosely. Table 8.2 provides a classification of various 
bases into hard, soft or borderline bases. It will be noted that chloride ion is less 
soft than bromide, which again is harder than the iodide ion. : 
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Table 8.2. Classification of Bases (R = alkyl or aryl group) 


Hard Soft 
H,O, OH-, Е-, CH,COO-,PO,°-. R-S, RSH, 257, 17, SCN-, 5,08“, 
SO, CI-, СО,2-, CIO,7, МО, В.Р, R;As, (КОР, СМ“, RNC, 


ROH, RO-, R,O, МН, RNH, NH, СО, СН, CoH, H- 


Borderline 
C,H,NH;, C;H;N, Ма, Вг, NO:7, 8087, Ма 


After having gone through a classification of the bases, a classification of 
Lewis acids is necessary. The preference of a given Lewis acid (say a metal ion) 
towards ligands of different donor atoms is usually determined from the stability 
constant values of the respective complexes (say, [Cu(NH;),]* and [Cu(PRs)s]*) 
or from some other useful equilibrium constant measurements. When this is 
done, metal complexes with different donor atoms can be classified into two sets 
based on the sequences of their stabilities: 

I. Class (a) acids or hard acids: NSP; OSS; F>Cl>Br>I 

П. Class (b) acids or soft acids: NXP; О‹ё5<5е; F<CI<Br<I 
Lewis acids can now be classified into three categories: hard, soft and borderline 
acids (Table 8.3). 


Table 8.3. Classification of Lewis Acids 


ee 


Hard Soft 
H+, Lit, Мат, К+, Be**, Маг", Ca**, Cut, Agt, Aut, Ti+, Hgt, Pd**, 


Sr*, Mn+, АР+, 5с2+, Ga**, Тло", La**, Сз, Pt, Hg'*, CHSHg^ TE, 
Lutt, CP *, Co**, Ее?+, As, Sitt, Titt, BHs, GaCls InCl, I*, Br*, Te, Bra, 
716, тен, 04+, Ce?*, Snit, УО?+, "Zerovalent metal atoms 

00,2+, MoO?*, BE;, AICI, 50, СЕ 


Borderline 
Fe?*, Co?*, Ni**, Си?+, Zn**, Pb?*, Sn?*, 
Sb?+, Bi**, Rh**, B(CH;).. 50;, МОЋ, GaH; 


Hard acids have small acceptor atoms, are of high positive charge and do not 
contain "inshared pairs of electrons in their valence shell, although all these pro- 
perties may not appear in one and the same acid. These properties lead to high 
electronegativity and low polarisability. In keeping with the naming of the bases, 
such acids are termed ‘hard’ acids. On the contrary, soft acids have large acceptor 
atoms, are of low positive charge and contain unshared pairs of electrons in their 
valence shell. These properties lead to high polarisability and low electronegativity. 
Again in keeping with the naming of the bases, such acids are termed ‘soft’. 
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Soft acids form stable complexes with bases that are highly polarisable, are 
good reducing agents and not necessarily good bases towards the proton. Hard 
acids, on the other hand, usually form stable complexes with bases that binds 
well with protons. 

If the donor atoms of the most common bases are arranged in the order of 
increasing electronegativity the following order is obtained: 


As, P: аи Seis; DEB NECI <Q) ЖЕР 
ОТОЛЕ eee noo 02:5885212:8. 130, 30 3.5 — 40 


Soft Lewis acids will form more stable complexes with left hand members of this 
series and hard Lewis acids will form more stable complexes with the right hand 
members. Ahrland and Chatt have termed the hard acid metal ions as class ‘a’ 
metals/acceptors and the soft acid metal ions as class *b' metals or acceptors. 

Experimental data on various complexes of soft and hard acids and bases 
indicate a simple rule: Hard acids prefer to bind hard bases and soft acids prefer 
to bind soft bases. 

The SHAB concept is extremely useful in elucidating many properties of the 
chemical elements and will be often referred to at appropriate places. Some inter- 
pretations will now be made in the light of this concept. In both BF, and BH, 
the boron is trivalent but quite different behaviour is noted. The presence of hard 
fluoride ions in BF; makes it easy to add other hard bases e.g.: H9N — BE, 
The presence of soft hydride ions in ВН, makes it easy to add other soft bases. 
In ВЕ, the boron is nearly B*+. But the soft hydride ions donate negative charges 
extensively to boron, so that the boron atom is almost neutral and becomes soft. 
For elements of variable valence there is usually an increase in hardness with 
Increase in oxidation state. Thus nickel (0) in Ni(CO), is soft, nickel (II) is border- 
ine and nickel (IV) is hard. Nickel (II) forms both nitrogen and sulphur com- 
plexes whereas nickel (IV) is stabilised mostly by oxygen donor ligands like perio- 
date :K[Ni(IO,)]. Although nickel (III) and nickel (IV) are also known to be 
stabilised by o-phenylenebisdimethylarsine (diars), the complexes also contain 
hard CI- ions in the coordination zone, [NiCl;(diars),]**. The sulphur end of the 
thiocyanate ion is assumed to be softer than the nitrogen end, and hence prefers 
Soft Lewis acids. A study was made of the complexing ability of both an alkyl 
thiocyanate, RSCN, and an alkyl isothiocyanate, RNCS, with the soft Lewis acid 
iodine, and the hard Lewis acid phenol. The thiocyanate, RSCN, with a free 
nitrogen end to act as a donor, formed more stable complex with phenol than 
with iodine, With the isothiocyanate exactly opposite results were obtained. 


8.6. THE FATE OF THE PROTON IN AQUEOUS MEDIUM 


The proton plays a key role in acid-base functions, In aqueous medium it 
is usually represented as H,O+, A naked hydrogen ion has a vanishingly small 
size (radius ~ 10—13 ст = 10-5 A) and therefore has a very high charge/radius 
ratio ( ~ 10°) and is expected to be the most effective in polarising other ions or 
molecules according to Fajans’ rules, In H,O+ there is assumed a coordinate 
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bond от water oxygen to the proton, thus giving the proton a helium electronic 
copfiguration. 

Experimental evidences are available in support of such formulations. Thus 
perchloric acid, HCIO,, reacts vigorously with water. It gives a series of hydrates: 
HCIO,, (M.P. °C)—112°; HCIO,. H;O, + 50°; HCIO,. 26,0, —17.8°; HCIO,. 
3H,0, —37°; НСІО,. 3.5H,0, —41.4*. Of these hydrates the most remarkable 
is the monohydrate, melting at a much higher, temperature than the covalent, 
anhydrous acid. It is very stable, and can be heated to around 110° without decom- 
position. The monohydrate is about ten times as viscous as the anhydrous acid. 
Tt has the same crystal lattice as the ionic ammonium perchlorate, showing that 
it, too, is an ionic compound, [Н.О] [CIO,]. 

Besides the H,O+ species, a species H,O,*, [H*(H,O),] with a tetrahedral 
arrangement of four water dipoles around a proton is also known. However 
H,O* is the dominating form and the proton in aqueous medium is represented 
in this form. Y 


8.7. WATER AS AN ACID AND AS A BASE: CONCEPT OF Kw 


We have already learnt that water dissociates weakly to H* and OH- ions. 
Regardless of what other ions are present in water, there will always be an equili- 
brium between Н+ and ОН“ ions: 


Н,О = Н+ + OH- 
The proton, however, will be solvated and is usually written as H,O*. For sim- 
plicity we will write H+ only. The above equilibrium will have its own equili- 
brium constant: 


к= и or K x [6,0] = [Н+] [OH-] 


The square brackets indicate concentrations. Recognising the fact that in any 
dilute aqueous solution, the concentration of the water molecules (= 55.5 moles/ 
litre) greatly exceeds that of any other ion, [H,O] can be taken as a constant. 
Hence, 

K x [9,0] = Kw = [H+] [OH] 


where Kw is the dissociation constant of water (ionic product of water) The 
value of [H+] in pure water has been determined as 1077М so that Kw becomes 
1.0 x 10-2, The above relation tells us that in aqueous solution the concentrations 
of H* and OH- are inversely proportional to each other. If H* concentration 
increases 100 fold, that of OH- has to decrease 100 fold to maintain Kw constant. 
Dissociation of Н.О into Н+ and ОН- ions is an endothermic reaction: 


H,O + 13.7 KCal > Н+ + OH- 
Thus, according to Le Chatelier's principle, increasing temperature will facilitate 


dissociation, thus giving higher values of Ky. The values of Ky at 20°С, 25°С and 
60°C are 0.68 х 10-4, 1.00 x 107" and 9.55 х 10-7 respectively. 
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8.8. THE CONCEPT OF pH 


'The dissociation constant of water, Kw, has such a low value that expressing 
the concentrations of H+ and OH- ions of a solution in terms of such low figures 
is not much convenient and meaningful. Such expressions necessarily have to 
involve negative powers of the base 10. Sorensen proposed the use of a term known 
as pH,.defined as: 


; 1 
pH = —logy[H*] = 10810 yp 


Thus a solution having a Н+ concentration of 10-* M has a pH 1 and that of 
10-14 M has a pH 14. For such solutions having H+ concentrations іп the range 
10-1 M to 10-4 M it is more convenient and meaningful to express acidity in 
terms of pH rather than H* concentrations. The use of small fractions or negative 
exponents can thus be avoided. It is obvious that for a monobasic acid molarity 
and normality are the same while they are different for a polybasic acid. Thus 
0.1M H,SO, is really 0.2N Н,50, so that pH = —log;4[H*] = —log 19 (0.2) = 0.699. 
The corresponding expression for the hydroxide ion is: 
рОН = —log [OH] 

It follows from these relations that the lower the pH, the more acidic the 
solution is. If the acidity of a solution goes down 100 fold its pH goes up by two 
units. For example, a solution of pH | has [H+] which is 100 times greater than 
that of pH 3. Taking the case of OH- ions, the pOH will go down Ьу. уо units 
(from 13 to 11). Recalling that the product of [H+] and [OH-] is 10-4 and that 
this has to remain constant we can write the following steps: 


[Н+] [OH] = 10-4 
log [H+] + log [OH-) = log 10-4 = —14 
pH + pOH . = 14 


We can now proceed to differentiate between neutral, acidic ог basic solutions 
on the basis of relative concentrations of H* and OH- ions on the one hand, and 
on the basis of pH on the other. A neutral solution is one in which the concen- 
trations of H* and OH- ions are equal: 


[Н+] = [OH-] = (10-42 = 107М 
An acidic solution is one in which concentration of H+ exceeds that of ОН“: 
[H+] > [OH-]; [Н+] > 10-7M; [OH-] < 10M 
A basic solution is one in which concentration of OH- exceeds that of H+: 
[OH-] > [Н+]; [OH] > 10-7M; [H+] < 107М 
In terms of pH we have the following relations: 


neutral solution : [Н+] = 1077M ; pH = 7.0 
acidic solution : [H+] > 107М ; pH < 7.0 
basic solution  : [Н+] < 0-М; pH = 7.0 
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Table 8.4 summarises [H+], [OH-], pH and pOH relationship and shows how they 
affect the neutrality of water. 

Mathematical definition of pH provides a negative value when [Н+] exceeds 
1 М. However pH measurements of such concentrated solutions are avoided. as 
these solutions are not likely to be dissociated fully. Concentration of such strongly 
acid solutions is best expressed in terms of molarity than in terms of pH. 


Table 8.4. The Scale of pH 
[Н+] pH 109] - рон 
10° 0 10-и 14) 
1071 1 10-15 13 
10-2 2 10-1 12 | 
1073 3 10-4 " acid solution 
10-4 4 10-10 
1075 5 1079 8 | 
10-8 6 10-8 8 J 
10-7 7 10-7 7  meutral solution 
10-8 8 10-9 6 
10-? 9 10-5 5 | 
10-10 10 10-4 4 
10:2 11 10-3 3 ' basic solution 
10-12 12 10-2 2 
10-18 13 10-1 1 
1074 14 10° 0 


= 


8.9. STRENGHTHS OF ACIDS AND BASES 


Relative strengths of Brónsted acids can be appreciated by comparing their- 
tendency to donate protons to a given base. The obvious choice of a base for 
purposes of comparison is water. Hydrochloric acid in this solvent reacts essen- 
tially completely to give the solvated proton: 

НСІ + HO + H40* + Cl- 
But HF does so only incompletely: 

HF + ЊО = H30* + F- 
The reaction of hydrocyanic acid is even more incomplete, so that most of the 
HCN remains in the undissociated, molecular form. We thus observe that НСІ 
isa stronger acid than HF, which again is stronger than HCN in aqueous medium. 

Solvent plays a significant role in determining the relative strength of acids. 
All strong acids like НСІ, HBr, HCIO, react completely with water to produce ` 
H,0*. In aqueous solution the strongest acid, in the Brónsted sense, that can 
exist is Н.О *. All acids stronger than H,O* react with water completely to pro- 
duce this acid. The medium water, thus, has a levelling effect on all strong acids. 
Such.a solvent therefore cannot distinguish between strong acids. In another 

rd, water is too strong a base to allow-us to test the relative strengths of very 
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strong acids. It is obvious that solvents which are still more basic than water, 
for example ammonia, will be even poorer choice for such purposes of comparison. 
Conversely, acidic solvents, such as anhydrous sulphuric acid, acetic acid will 
allow the determination of the acid strengths of very strong acids. These solvents 
are far weaker bases than water (in fact these are acids) so that complete dissocia- 
tion of the so called strong acids will not occur. In anhydrous acetic acid, for 
example, the following order of decreasing acid strength has been determined: 


HCIO, > HBr > H,SO, > HCl > HNO, 


This discussion shows that there is no absolute basis of designating the streng- 
ths of acids. Although the strengths of very strong acids cannot be determined 
in water, strengths of weak acids have been successfully determined in this solvent. 
For weak acids water is not quite strong a base to completely convert the weak 
acid to H,O*. In other words water behaves as a base of strength comparable 
to that of the conjugate base of the weak acid. 

Similar leveiling effect is also noticed on the basic strength. The strongest 
acids that can exist in the solvents— water, anhydrous sulphuric acid and anhydrous 
ammonia—are respectively H,O+, H,SO,+ and NH,*+. The strongest bases in 
these solvents are respectively ОН“, HSO,- and NH,~. The bases О?- and NH; 
are stronger bases than ОН“, Therefore just as all very strong acids are all con- 
verted into H,O* in water, so also all very strong bases O*- and NH,- ions will 
react with water completely to form OH- ions. The following reactions of Na,O 
and NaNH, in water are essentially complete in aqueous medium. Therefore 


O?- + H,0 — 20H- 
NH,- + HO — NH; + OH- 


the basic strength of oxides or amides cannot be determined in aqueous solution. 
This time water is quite strong an acid to force complete reaction. Therefore the 
basic strength of such bases must be determined in solvents of lower acid character 
like liquid ammonia. Other bases such as NH;, HCOO- do not react completely 
with water to form OH- but exist in aqueous solution in equilibrium so that the 
basic strengths of these bases may be determined in aqueous medium. 


NH, + H,O = NH;* + OH- 
HCOO- + H,O = HCOOH + OH- 


Since the dissociation of an acid involves an equilibrium between the un- 
dissociated form and the dissociated form, the experimental determination of 
the equilibrium constant will give us a quantitative measure of the relative strength 
of the acid. For the case of a weak acid HA we have: 
1H*] [A] 


НА = H*--A-; Ka = THA] 


where [Н+], [A7] and [HA] are the measured equilibrium concentrations of the 
Н+ (in water Н,0+), A- and the undissociated HA. K4 is called the acid disso- 
ciation constant of the acid, The stronger the acid, the larger will be its K4. In 
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equimolar solutions of two different acids, the concentrations of H* ion will be 
greater for the acid of larger dissociation constant. Just as we used the term pH 
to express the concentration of H+ ion, so also pK4 is used to express the disso- 
ciation of an acid, 


1 
рКа = —logiy Ка = logi, Ki 


Therefore the larger the value of pK4, the weaker the acid is. Conversely the smaller 
the value of рКа the stronger the acid is. 

Dissociation of weak bases in aqueous medium may also be treated in a 
manner completely analogous to that used with weak acids. The dissociation of 
ammonia may be expressed as: 

EX Mec INE ОВЕ 

NH; + HO = NH,* + OH- ; Kg = —INH,OH] 

Кв represents the basic dissociation constant of the weak base. The basic disso- 
ciation of the acetate ion in water will take the form: 

"s ME js -.p. СНСООН] [OH-} 
CH;,COO- + Н,0 = CHCOOH + OH- ; Kg = — [CH.COO- 7 


The acid dissociation constant of a weak acid HA, and the basic dissociation 
constant of the anion A- are connected as follows: 


КА X Kg = Kw = 10 x 10-24 


The relation can be readily checked by taking the example of acetic acid. We 
have the following relations: 


_ [H*]*[CH,COO- _ [CH,COOH] [он-] 
Ka = “Ссн СООН | а Ка = ICH;COO-] 


Ka X Ks = [H+] [ОН] = Kw = 1 x 10-9 


Table 8.5 lists the dissociation constants of some common acids and bases in 
aqueous medium. У 

The reader may check that the data in Table 8.5 obey the relation K4 X Kg = Kw 
= 1.0 x 10-4, In the Table the dissociation constants of the acids НСІО,, HCl, 
H,SO,, HBr, HNO, have been marked as large. For such acids the dissociation 
in water is virtually complete so that-the concentration of undissociated acid 
approaches Zero. It is therefore not possible to calculate a numerical value for K4 
since zero in the denominator will lead to infinity. For weak acids the situation 
is entirely different and the solution contains measurable quantities of Н+, А- 
and HA, 

Experimental determination of K4 or Kp is based on the determination of 
the concentration of H* or OH- in an aqueous solution of a known concentration 
of the acid or base. A platinum electrode is dipped into the solution and hydrogen 
gas bubbled through. Thus a half cell is generated. This half cell is connected 
through a salt bridge to a standard hydrogen electrode. The potential difference 
in volts is recorded by connecting the two electrodes via a voltmeter. This poten- 
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Table 8.5. Dissociation Constants of common Acids and Bases 


EUREN АЕ ВАВА кыд ДУ Мурны A ыыы ы UHR PURSE E EE 
Асїа Ka Acid Strength | Base Kp Base Strength 
нао, large strong CH,COO- 5.6 х 10709 weak 
нс! large strong NH; 8 x 10-5 weak 
HBr large strong CN- 2.5 х 105  ,weak 
HI large strong F- 14 x 10-1 weak 
HNO, large strong HS- 1.0 x 10-7 weak 
HS0, large strong ВЕ 1.0 x 10 weak 
HSO, 17901022 weak МОД“ 2.2 x 10-1 weak 
HSO,- 13:5» :10:2 weak H;PO,- 13 x 10-2 weak 
H3PO, ТӘ 103 weak HPO,- 1.6 x 1077 · weak 
HF 7.0 x 10- weak HSO,- 5.9 x 103? weak 
HNO, 4.5 x 10-4 weak 

CHCOOH 1.8 x 10-5 weak 

HS 1.0 x 10-7 weak 

HPO,- 6.3 x 10-8 weak 

HCN 4.0 x 10-0 weak 

NH,* е x 10-20 weak 

H,O 1.0 x 10-14 weak 


HS- 1.0 x 10-15 weak 


о 


tial difference is used to calculate the concentration of H* in the experimental 
Solution. For this a standard curve (Fig. 8.1) is made use of, wherein the potential 
difference between a standard hydrogen electrode (E^ = 0.00 volt) and a hydrogen 
electrode in solutions of different, known concentrations of Н+ is plotted. Thus 
the concentration of H+ is found out. Once [H*] is known, concentrations of A~ 
(ГА-]) and that of undissociated HA ([HA]) can be calculated with a knowledge 
of the starting concentraion of the acid. With the discovery of glass electrode 
and calomel electrodes direct determinations of pH ofa solution have turned 
out to be routine affairs. Specially prepared soft glasses are permeable to 
hydrogen ions only, and this property is the basis of glass electrodes. There are 
other standard methods also for such determinations. A popular technique is to 
determine the concentration from optical density measurements of HA in acid 
and alkaline solutions. Such techniques are useful where HA and A- differ widely 
in their absorption characteristics so that optical density measurements can be 
confidently analysed to determine the concentrations of HA and А“, 

Relevant to the above exposition of the acid dissociation constant of an acid 
HA is the well known Henderson equation. À weak acid HA dissociates in aqueous 
solution as: 


HA = Н+ + A- 
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(уот) 


POTENTIAL DIFFERENCE 


-1 -2 -3 -4 -5 
Loc [н*] — 


Fia. 8.1. Potential difference between a standard hydrogen 
electrode and a hydrogen electrode in solutions of different 
concentrations of H* plotted against pH 


so that [Н+] = Deb where Ки is the equilibrium constant. The equilibrium 
in solution will apply equally to the dissociation of the pure acid alone as 
well as to a solution of HA in presence of added H+ ions or added А- (in the form 
of a salt MA). Then in a solution containing НА and MA of concentration C4 
and Cs we have: concentration of undissociated acid = [HA] = initial concentra- 
tion of the acid —concentration of Н+ = C4-— [H+]. 

Concentration of As in solution ' 
= concentration of A- arising out of the dissociation of MA 

+ concentration of A- due to dissociation of the acid HA. 


= Cs + [Н+] 
Ca— [H+] 4 ЛЕ { 
Тһеп [Н+] = TIE] x K, [MA is completely dissociated]; HA being a weak 
acid, [H+] is small compared to C4 and Cs so that 
у СА NM [Acid] 
н] = с Хх Ka = Ka х sag 
rads Es [Acid] 
= — y= — == 
Тһеп pH log [H*] log КА log [Salt] 
ely [Salt] 
= pKa + log rg 


This means if we titrate a weak acid to half way to its neutralisation point then 
log [Salt]/[Acid] becomes zero and therefore the pH of the half neutralisation point 
provides the pK, of the acid. The above equation is called the Henderson equation, 
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8.10. ACIDITY FUNCTION 


In acid dissociation constant, K4 of a weak acid in aqueous medium we have 
a quantitative measure of the acid strength of the acid. Such Ka values cannot 
be obtained for strong acids in aqueous solutions due to their complete dissocia- 
tion. In acidity function Hammett has found a quantitative measure of the acidity 
of strong acids. 

Hammett's approach utilises the dissociation of an uacharged (neutral) base 
B (for example, p-aminoazobenzene) in Strong acids. The equilibrium between B 
and ВН" is expressed as: 


_ [B] [H*] fafa 
A MEET Ae- 
where Ку is the thermodynamic dissociation constant of the acid ВН“ and fy, 
Jar, Јан» represent the respective activity coefficients. The activity coefficients 
cannot be predicted in concentrated solutions of BH* in the solvent. However, 
since BH * and B differ only by a H+, the ratio fa/fam+ will be the same irrespec- 
tive of B. Then a quantity h is given by: 


Now Л turns out to be a property of the solution irrespective of the nature of B 
and of its concentration. If B is a suitable organic compound that changes colour 
on being protonated, the ratio [BH*]/[B] can be easily determined colori- 
metrically, and K4 obtained from measurements in dilute solution. Hammett has 
found H, (called acidity function), the negative logarithm of Ар, to be more useful 
for comparison of acid strength of different acids in different solvents: 

Н, = — ово ho = pK, + 10810 ТН 


In dilute solutions the f’s are unity so that л, = [H+] and hence Н, = pH. But 
in concentrated solution Но of different acids of same molarity show considerable 
difference in the values оЁ.Н, to make Hy a suitable yardstick for comparison 
of strong acids. Some typical H° values are: -+ 7.0 for water,—1.5 for 6M aqueous 
HNO,, —2.0 for 6.9 M aqueous HCI, —2.63 for 8 M aqueous HCIO,, --5.54 
for 70% aqueous Н,50, and — 10.60 for 100% H,SO,. Thus 100% Н,50, is over 
100,000 times as efficient a proton donor as 70 ж aqueous HSO, (change in Н, = 
10.60—5.54 = 5.06). Thus acidity function affords а comparison of the strength 
of very strong acids. 


8.11. ACID-BASE INDICATORS 


In aqueous medium acidity is due to the presence of Н+. The Н+ concentra- 
tion of an acidic aqueous solution can be reduced by the addition of OH- ions 
whence the two react to form neutral H,O. This process of removal of H* ion 
by OH- ions or vice versa is called neutralisation, and is an important part of 
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common laboratory operations. Such neutralisation processes are followed by 
a sharp change of colour of some organic compounds, called acid-base indicators, 
at the point of neutralisation. 

Acid-base indicators are usually weak organic acids with complex structures. 
Such organic acids possess different colours in their undissociated, and in dis- 
sociated forms and fortunately the change from the undissociated to the dissociated 
forms (or vice versa) occurs over a short pH range. Taking HIn as the formula of 


the indicator the dissociation can be written as: . 
_ IH] [In] 


Нш = Н+ + In^; Ka = [His] 
This dissociation process will be facilitated if the liberated H* ions are removed 
by reaction with say ОН“. Оп' ће other hand this dissociation will be suppressed 
on the addition of H+ ions. Therefore the undissociated form HIn of the indi- 
cator is favoured in acid medium, and the dissociated form In- in alkaline medium. 

When a few drops of the indicator HIn are added to water an equilibrium is 
established. The solution attains a certain colour, which is a blending of the colours 
of HIn and In-. If the K4 value of the indicator is large, then the colour of In- 
predominates, If K4 is small, the colour of HIn predominates. Therefore a suitable 
acid-base indicator in a neutralisation titration will indicate by a change of colour 
the point where the solution changes suddenly from an acidic to a basic side (or 
vice versa). 

Taking an example ofthe indicator, bromothymol blue (HIn; Ка = 1 x 10-7) 
which has a yellow colour in the HIn form and a blue colour in the anion In- 
form we have: 

[H+] [In] 
[HIn] 
when the [In-] = [HIn], [Н+] is equal to К; = 1 x 1077 


This means at pH 7, bromothymol blue will have a colour intermediate between 
yellow and blue, that is, a green colour. In acid solution ([Н+] > 1077) bromothy- 
mol blue will exist primarily in the yellow form of HIn molecule and in alkaline 
solution ([H*] < 1077) the blue colour of the In- predominates. For the deter- 
mination of K4 or pKa of an indicator, a series of solutions of the same volume 
and the same amount of the indicator are prepared. The pH of these solutions 
are adjusted to different values from acid to the alkaline range. In practice it is 
more convenient to take buffer solutions of a range of known pH values. The same 
amount of the indicator is added to the buffer solutions. The pH of that very solu- 
tion whose colour is just intermediate between the acid colour and the alkaline 
colour of the indicator corresponds to the рк of the indicator. However this is 
a very rough method. 

The pH ranges of acid-base indicators have been determined carefully. Table 
8.6 gives some commonly used acid-base indicators. The pH, [Н+] ог [ОН] of 
a given aqueous solution may be determined by a judicious use of one or more of 
the indicators mentioned in Table 8.6. 


= 1 х 107 


Ка = 
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Table 8.6. Some Acid-Base Indicators 


Indicator pH interval for Colour Change Acid Colour Base Colour 
Methyl yellow 2.9— 4.0 Red Yellow 
Methyl orange 3.1 — 44 Red Yellow 
Bromocresol green 3.8— 5.4 Yellow Blue 
Methyl red 44— 62 Red Yellow 
Litmus 45— 83 Red Blue 
Thymolphthalein 8.3 — 10.5 Colourless Blue 
Phenolphthalein 8.5 — 10.0 Colourless Pink 
Thymol blue 8.0— 9.6 Yellow Blue 
Bromothymol blue 6.0 — 7.6 Yellow Blue 
Bromophenol blue 3.0— 4.6 Yellow Blue 
Alizarin yellow R 10.1 — 12.0 Yellow Violet 


For example, if one finds that a solution does not develop a pink colour with 
phenolphthalein, its pH must be below 8.5. But if the solution is yellow with 
methyl red then the pH of the solution must be above 6.2. 

Suitable mixing of certain indicators leads to a universal indicator which 
develops different colours at different pH. Universa! indicators are not useful 
for quantitative titrations but may be used for a rough idea of the pH of a solution. 
One such indicator may be prepared by dissolving 0.1 g of phenolphthalein, 0.2 g 
of methyl red, 0.3 g of methyl yellow, 0.4 g of bromothymol blue and 0.5 g thymol 
blue in 500 ml ethanol and adding sodium hydroxide solution to make the solution 
just yellow. The colour changes of this mixed indicator are: red at pH 2; orange 
at pH 4; yellow at pH 6; green at pH 8 and blue at pH 10. Strips of paper im- 
pregnated with a mixture of several suitably chosen indicators have been designed 
so as to give gradations of colour over a wide or a narrow pH range. Such papers’ 
are called pH papers and are in frequent use in chemical laboratories. 


Table 8.7. Recommended Indicators for Acid-Base Titrations 


Nature of Titration pH change at around Recommended Indicator 


the equivalence point 
Strong Acid with Strong Methyl orange, methyl red, 
Base 4—10 phenolphthalein, bromothymol 
blue, thymolphthalein, etc. 
Weak Acid with Strong Phenolphthalein, thymolphtha- 
Base 8.7—10.5 lein, thymol blue. 
Weak Base with Strong i - Methyl red, теѓу! orange, bro- 
Acid 3—6.5 mophenol blue, bromocresol 
green. 


Weak acid with weak 
Base 7.0 No suitable indicator. 
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8.12. VARIATION IN ACIDIC AND BASIC PROPERTIES 


So far we have devoted mainly to the different concepts of acids and bases, 
and to the quantitative expression of acidity and basicity in aqueous medium. 
Another feature Of acids and bases that interests us is how acidity and basicity 
should vary with respect to the position of the elements in the Periodic Table. 
The answer to this query is not given simply. We will, however, endeavour to 
state certain rules along with some explanations. The discussion for the sake of 
clarity is given under three heads: 


8.12.1. Hydracids: The dissociation of binary hydracid HX, to take a simple 
example, in solution consists of the following steps: 


1. HX (solution) — HX (gas) 2. HX (gas) — Н (gas) + X (gas) 
3. Н (gas) — H+ (gas) + e (gas) 4. X (gas) + e— X- (gas) 
5. H+ (gas) — Н+ (solvated) 6. X- (gas) — Х- (solution) 


АП acids have steps (3) and (4) in common and the energy involved in step (1) is 
small for most acids. Therefore variation in acidity of simple hydracids depends 
mostly on: : 
(1) the energy of dissociation of the hydride to give the two atoms. 
(2) electron affinity of the atom X 
(3) the solvation energy of the anion 
Although all the three factors are involved, in the first short period increasing 
electron affinity of the elements with increasing atomic number predominates 
over the other two factors. As a consequence the acidity of the hydracids increases 
along the period. The first step acid dissociation constant (КА!) of some hydrides 
are shown below: 
Hydracid CH, NH, H:O HF 
КА 10-5 10-35 10-м 10-4 
In the series of halogen hydracids electron afiinity tends to decrease from fluorine 
to iodine. This should really have led to a decrease in the acidity of their hydracids. 
Experimental studies, instead, have revealed the following order of acidity: 


HI > HBr > HCl > HF 


The apparent anomalous behaviour is explained on the consideration of the single 
bond energy of the hydracids, which decreases from HF to HI. The dissociation 


Hydracid HF на HBr HI 
Single bond energy 
(Kcal/mole) 135 103 88 71 


energy takes an upper hand over the other two factors. This result also emerges 
when we consider that besides the decrease in electron affinity from F to 1, there 
is a distance factor involved. The hydrogen in HI is far removed from the nucleus 
of the iodine atom than it is from the nucleus of the fluorine atom. (H—T bond 
length = 1.70 A; H—F bond length = 1.01 А). [his increased separation 
encourages dissociation or enhanced acidity along the series HF to HI. 

12 
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The behaviour of the hydracids of group VI B is also similar as would appear 
from the following data: 


Hydracid H,O H,S Н,Ѕе H;Te 

KA Оо оО ПАПУЕ (сүр 21079 
Single bond energy 111 81 66 59 

(Kcal/ mole) 


Whereas the hydracids of group VI B and VII B give protons in aqueous solu- 
tion, those of group V B are far less acidic. In fact NH, accepts proton from water 
and thus behaves as a base (NH; + H,O  NH,* + OH-; Kg = 1.8 x 10-5). 
The other hydrides are much less basic and have very little tendency to accept 
protons from water molecules. PH, forms a phosphonium iodide only when 
reacted with a strong acid such as HI. Single bond energies of МН, and PH, are 
93 and 76 Kcal/mole and thus the bond energy takes the primary role. 


8.12.2 Oxyacids: A strongly electronegative element bonded to hydrogen will 
tend to pull away electron density from around hydrogen, thus facilitating disso- 
ciation. The greater the electronegativity of the central atom of the oxyacid the 
more it will pull electrons from oxygen on to itself. The oxygen in its turn will 
pull electrons from hydrogen. Thus dissociation of an oxyacid is dictated more 
by the electronegativity of the,central atom than by the other factors. This line 
of argument is validated by the following trends of acidity of some oxyacids: 


HCIO, > HIO, ;H,SO, > H,SeO, ; НОСІ > HOBr > HOI 


An increase in the formal charge (oxidation number) of the central atom of 
the oxyacid leads to an increase in the acidity, as in the following series of chlorine 
oxyacids: 


HCIO, > HCIO; > HCIO, > HCIO 


This increase in formal charge is brought about by the addition of electronegative 
oxygen atoms to the central atom. Note that all these four acids have one proto- 
nated oxygen, that is, one —OH. The unprotonated oxygen atoms by virtue of 
their strong electronegative character tend to withdraw electron density from 
around hydrogen through the intervening central atom (inductive effect). The 
following series of acids also follow this pattern: 


H,SO, > H,SO, ; HNO, > HNO, 


In this context the Phosphorus oxyacids are interesting. The formal charge 
tule predicts an order which is the reverse of what has been obtained experimen- 
tally (predicted: H;PO, > H,PO, > H,PO,; experimental, ЊРО; > HPO, > 
H;PO,). The dilemma is solved when we take a good look at their structures: 


H.-H Ну о-н Оу 0-H 
н/ No ОУН ИО Хон 
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HPO, is a monobasic acid. The proton attached to an oxygen has a far greater 
chance of dissociation than any directly bonded hydrogen. The structure of 
H;PO, involves one protonated oxygen and another unprotonated oxygen. H,PO, 
is dibasic and hence has two protonated oxygens and one unprotonated oxygen. 
H,PO, is tribasic, has three protonated oxygens and one unprotonated oxygen. 
In this series therefore the number of unprotonated oxygens, which are the vehicles 
for enhancement of acidity, is the same (namely one) for all the three acids. But 
the number of protonated oxygen atoms and consequently the number of disso- 
‘ciable protons increase from one in HPO, to three in H5PO,. Therefore the 
overall inductive effect of the unprotonated oxygen decreases from H;PO; to 
H,PO,. Hence the acidity slightly falls off in the order shown. The following 
Table 8.8 lists some acid dissociation constants of oxyacids. 


Table 8.8. Acid Dissociation Constants of Some Oxyacids 


Acid Каог Кд! Acid Ky or Ка! 
Zaun: ЗВАН 100. Let 

HCIO 32 x 10-8 HIO 51078 
HCIO; 15c10:* HBrO 2 x 10-9 
HCIO, Large HCIO 3:2 X10 
HCIO, Very large H;TeO; 6 x 10-5 
Н,80; 17 x 107 H;SeO; 3.x10:* 
H,SO, Very large Н,50; 1:7 x 107* 
HNO, 4.5 x 10-5 H3PO, Us 1055 
HNO; Very large H3PO; 1.6 x 107? 

H;PO; 6.х 107? 


It should be noted that for polybasic acids the successive dissociation con- 
stants gradually fall off. This is because splitting off a proton from a neutral un- 
charged acid is easier than it is from a negatively charged ion. The following data 
prove the point: ` Ў 


Acid Кд Kj! Kj 
HS 1x107 1 x 10-> 

HSO; 1.7 x 10- 5.6 x 10-8 

H;PO, 7.5 x 107? 6.2 х 10-5 1.7 x 1079 


8.12.3. Periodic Variations in Acidity and Basicity: in the series of binary 
hydrides CH,, NH, H,O and HF it has been observed that the clectron affinity ‘o! 
the central element takes precedence over other factors, thus explaining the acid 
character. The increase in acid character of the hydroxides along a period from 
left to right is admirably shown by the following series: 


Period “I H ut Iv У VI үн 
Мон Me(OH). AKON), 50010), HPO, #50; CIO, 
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№ is well known that the left hand members are strongly basic, the right hand ones 
are strongly acidic and the central region ones are amphoteric in nature. Accord- 
ing to Arrhenius concept NaOH is a strong base because in aqueous Solution 
hydroxide ions are generated: That NaOH does not dissociate into NaO- and 
H* ions is due to the attraction between O?- and the very small Н+ being much 
stronger than the attraction between O*- and the much larger Nat. As the charge 
on the central element increases the attraction between O?- and the central element 
becomes significant enough to make the dissociation into OH- ions difficult. In 
other words, increasing charge on the central element enhances its electronegativity 
so that it can form strong covalent bond with oxygen. When this happens chances 
are that dissociation will generate proton and not hydroxide ion. 
* A movement along a group in the Periodic Table with the elements in a given 
oxidation state can only increase the size of the ions. This effect reduces the elec- 
tronegative character, and provided electronegativity takes control over other 
factors, we would expect a decrease in acidic character, Efféctively in a group the 
basic character of the oxides (also of the elements) should 1астеазе with increasing 
atomic number. This is a general rule which holds good to some extent in ail groups 
of the Periodic Table. Thus in group VB nitrogen (III), phosphorus (1) oxides 
are acidic, arsenic (ПІ) and antimony (III) oxides are amphoteric and bismuth ап) 
oxide is only basic. е 

Aquo metal ions also will develop acidity depending on the size and charge 
of the metal ion. In the light of the discussions made so far it is not difficult to 
appreciate that acidity will be enhanced by small size and large charge on the 
cation. Under favourable conditions one or more protons may dissociate from 
the coordinated aqua groups: 


[M(H.O)]" * + H,O = [M(H;O)(OH)]^ + + H,O# 


‘For M = Fe(lII) the equilibrium constant of the above hydrolysis reaction is 


~ 1075, whereas for М = Fe(II) the value is expectedly lower. The equilibrium 
consfants for M = АШ), Ст) and Ее(Ш) are ~ 10-5, ~ 10-4 and ~ 10-5 
respectively, the ionic radii being AP*(0.5A), Cr**(0.64A) and Fe?* (0.67A). There 


appears to be as yet no satisfactery rule regarding the quantitative values of the 
acidities of hydrated metal ions. 


Summing up we have the following working rules with respect to the varia- 


'tion of acidity and basicity in the Périodic Table: 


l. Acid properties increase with increasing atomic number along a period. 
This is due to enhanced electronegativity. 

2. Acid properties decrease or conversely basic properties increase with increas- 
ing atomic number along a group. This is mainly due to decrease in electronega- 
tivity. - » 

3. Acid properties of hydracids of a particular group increase with increasing 
atomic number. Bond energies of the hydracids decrease down a group and this 
effect outweighs electronegativify effect. 


4. The higher the electronegativity of the central atom of an oxyacid the 
higher is the acidity. Д 
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5. The higher the formal charge (oxidation number) of thë central atom 
of the oxyacid the higher is the acidity. 

6. The higher the charge on the cation and the lower the size of the cation, 
the higher is the acidity of its aqua complex, 


8.13. ENHANCEMENT OF ACIDITY DUE TO INDUCTIVE EFFECT 
AND RESONANCE 


Substitution at suitable points in or, gaaic compounds has helped us a lot in 
gaining further insight into variations in acidity. On substituting a halogen atom 
for a hydrogen atom in acetic acid, the strength of the acid is enhanced. This 
enhancement of acid strength appears to bear a relation. with electronegativity 
of the halogen. Since the halogens are more electronegative than carbon, /5исћ 
substitution makes the carbon slightly positive, Which in turn tends to drag electron 
density from the other carbon. The carboxylic capbon again makes the protonated 
oxygen atom slightly positive, which effect xim the dissociation of the proton. 
It follows the higher the electronegativity of the halogen the more. pronounced 
will be the effect. If instead of introducing electron withdrawing groups 
(such as halogens), electron releasing groups-(such as CH,~) are introduced, 
acidity will decrease. The two cases can be represented as shown below, where 
à- and ô+ stand for the (fractional) negative Жћагре and (fractional) positive 
charge respectively. Starting with a 8+ (ог 67) on the first carbon, the charge density 
will decrease to the next carbon and further so in the protonated oxygen. This 
trend is indicated by increased $ and is known as inductive effect. Inductive effect 
may be defined as the effect transmitted by a charged atom at one point in ап ion or 
a molecule to another point in the same ion or -yolecule. The inductive influence 
of electron attracting groups is expressed as — I. On the other hand electron releas- 
ing groups increase electron density on the carbon atom at which these аге attached, 
Such inductive effects dre expressed as + 1. 


+ 1: —CH,; —CH,R; —CRg; (R alkyl group) 
—I: —F; —Cl; -Br; —I; —NO;: —C,H;;. 


H O H О 
Nae РУЛ 4 Nee "A 
Наас занен с НС ый е) 
A N A P 
ci- зм^0—Н ô+ CH; 29 -0—H 


The dissociation constants of some organic acids (Table 8.9) are given to show 
these inductive effect. 
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Table 8.9. Acid Dissociation Constants of Some Organic Compounds 


Acid Ka Acid Ka 
CH,COOH 18 x105 Cl,CCOOH 2.24 x 107 
FCH,COOH 229 улог CH,—CH,COOH 1.32 x 10-5 
CICH,COOH 1.38 x 107 (CH,,CCOOH 8.92 x 10-5 
Cl,CHCOOH 5.01 x 10-2 C,H,OH 1:12 107 


Besides these inductive influences, there is another very important source that 
also contributes substantially to the acidity. A molecule or an ion for which several 
resonance structures can be written gains extra stability (Chapter 5). It is well 
known that carboxylic acids, for example acetic acid, are far stronger acids than 
alcohols. It will be noted that for the carboxylate anion it is possible to write 
the following two resonance structures: 


——4 4 Ў апі min 
o- 


о 


Such equivalent resonance structures cannot be written for the acid itself since 
resonance forms must not change the position of the different atoms, Thus the 
carboxylate anion is stabilised, which facilitates the dissociation of the proton. 
Similarly phenol also admits of two resonance structures for its ions and accordingly 
this behaves as an acid. 


VAL NR e) Ne ENN ee 
У и and MD A о 


Similar reasoning would show that aniline is a weaker base than alkylamines. 


8.14. Hydrolysis: This may be defined as the interaction between the ions 
of water and a salt of a weak acid or a salt of a weak base. Such interaction leads 
to the production of () a weak acid or a weak base or (ii) of both a weak acid 
and a weak base. In general terms hydrolysis may be expressed as: 


MA -+ H,O = МОН + НА 
Salt +- Water = Base + Acid 


The nature of the product solution will be dictated by the properties of MOH. 
and HA. If the strength of MOH as a base is weaker than the strength of HA 
as an acid the product solution will be acidic in nature. Thus the hydrolysis of a 
salt (MA) of a weak base (MOH) and a strong acid HA will lead to acid reaction. 
Conversely hydrolysis of a salt (MA) of a strong base (MOH) and a weak acid 
(HA) will produce a basic solution. Thus hydrolysis of NH,Cl and CH;COONa 
will produce respectively an acid reaction and alkaline reaction. 
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8.15. Buffers: Buffer solutions may be defined as those solutions whose 
pH remains virtually unchanged upon the addition of small amounts of strong 
acids ot bases. It can be guessed immediately that such solutions should have 
as their constituent substances which can consume H+ ог OH- ions producing 
only very weakly dissociated acids or bases such that the original pH of the buffer 
solutions are not affected to any appreciable extent. Thus buffer solutions consist 
of solutions of a weak acid HA and its sodium or potassium salt (NaA or KA) 
or of a weak base B and its salt BH*. Thus a buffer solution may also be stated 
as a solution which is made up of an acid and its conjugate base or a base and its 
conjugate acid. 

A solution having sodium acetate and acetic acid in certain proportion will 
make a buffer solution. If a few drops of a solution of a strong base NaOH is 
added, then these dissociated OH- ions will be consumed by the weak 
acid CH,;COOH. 


OH- + CH,COOH — H;0 +.CH,COO- 


thus resisting any change in the pH of the system. Addition of a few drops of a 
strong acid, HCI, will force a reaction of the H* ions with the acetate ions resulting 
in the formation of the weakly dissociated acetic acid: 


H+ + CH,COO- — CH,COOH 


Thus the buffer solution will once again resist any change in its pH value. Buffer 
solutions can be diluted without appreciable change in the H* concentration. 

Two points should be appreciated in respect of buffer solutions: 

1. The capacity of a bufler to absorb Н+ and ОН- ions without any appre- 
ciable-change in pH is limited by the concentrations of the weak acid and weak 
base making up the buffer. : 

2. A buffer system is capable of maintaining a relatively constant pH in a 
rather narrow range. 

To calculate the pH of a buffer solution made up of a weak acid and its salts 
we can apply the Henderson equation: 


Salt 
pH = pK, + log eat 


If the concentration of the salt and the acid in the above relation is the same we 
have pH = рКа. Therefore if we wish to make a buffer solution of a particular 
pH we should look for a weak acid whose pK, is close to the desired pH. Thus for 
a buffer of pH around 5a mixture of acetic acid (Ка = 1.8 x 1075; pK, = 4.74) 
and ammonium acetate will be a good choice. 

For a mixture of a weak base (of dissociation constant К.в) and its salt with 


a strong acid we will have the following parallel equation: 
S 
pOH = pKs + log ач 


wase] 


Buffer solutions come to the aid of chemists whenever it becomes obligatory 
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to study some reactions or reaction rates at a constant pH. For example the oxida- 
tion of iodide ion by Н.О, is [H+] dependent: 
21- + H40, + 2H* — I, + 2H,0 
If the pH is maintained constant it becomes possible to study the, effect of the 
concentration of I-, the temperature etc. 
Suitable combinations of the following chemicals will produce buffer solutions: 

(a) acetic acid-ammonium acetate 

(b) disodium hydrogen phosphate— potassium dihydrogen phosphate 

(c) ammonium chloride—ammonium hydroxide, 


8.16. SOME PROBLEMS RELATED TO ACIDS AND BASES 


Problem: pH of a solution is 4.5. Calculate the concentration of H* ion. 
pH = —log[H*] = 45; ..log[H*] = —4.5 = 55 
The number corresponding to the antilogarithm of 0.5 is 3.16. 
<. [Н+] = antilog of 55 = 3.16 x 10-5 
Problem: Calculate the [H*], [OH-] and pH of a solution prepared by diluting 
20 ml of 0.1M НСІ to one litre. 
20x0.1 


[Н+] = i = 0002 = 2x10 
-li -14 
[OH-] — TAE lxi07* = 05x10 


pH = —log[H*] = —log(2 x 103) = —log2+3 = 2.7 


Problem: Calculate the [Н+], [OH-] and pH ofa solution obtained by dissolv- 
ing 32.0 gm KOH to make 200 ml of a solution. 


32.0 x 1000 А 
[ОН-] = 7560x200 ^ 2:86 М (molecular weight of KOH 56.0 gm) 


lx10-4 
+ = NI = 
[Н+] 286 = 0.35 x 10-14 


pH = —log (0.35 x 10-44) : 
= slog 3.54.15 = —0.54 + 15 = 14.46 


Problem: A buffer Solution contains 0.10 mole of CH;COOH and 0.10 
mole CH,COO- per litre, (1) Calculate the pH of the buffer, (2) Calculate the 
pH after the addition of 0.01 mole/lit of HCI, (3) Calculate the pH after addition 
of 0.01 mole/lit of NaOH. [Ka = 18 x 10-5]. 


(1) K4 = а = 18x105 


1 
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Since [CH,COO-] = 0.1 М and [CH,COOH] = 0.1 M 
we have: * [Н+] = 1.8 x 10-5 = Ky 
pH = —log,[H*t] = —log (1.8 x 107) 
= —(0.26—5.00 = 4.74 
(2) Now [Н+] = 0.01 M 
H+ + CH,COO- — CH,COOH 


у [CH,COOH] _ (0.1 + 0.01) 
= P -5 C perse] doo А 
поа ES [CH,COO-} ЈА (0.01—0.01) 
cei sd х (039 = 22 10.5 
pH = 4.66 


Alternatively Henderson equation may also be applied. 


[Sal] = original concentration of CH,COO~ minus the added acid (as the H* 
will combine with CH,COO- to form undissociated CH,COOH). 
= 0.10—0.01 = 0.09 


[Acid] — original concentration of CH,COOH plus the newly formed CH,COOH 
= 0.10 + 0.01 = 0.11 
nm [Sat] _ _ M 0.09 
pH = pK, + log == {Acid} = —log (1.8 Х 107) + 108 oT 


|| 


4.4—0.09 = 4.65 

(3) Now [OH-] = 0.01 M 
OH- + CH,COOH + HO + CH,COO- 
[CH,COOH] = 0.01—0.01 = 0.09 
[CH,COO-] = 0.01 + 0.01 = 0.11 


[CH,COOH] 

С [Н+] = 1.8х10% X ep СООЗ]. 

(0.09) 
-5 ts -5 
= 18 x 10 X (бї) 1.5 x 10 
pH — 482 
Aoo Henderson equation we have: 

[Salt] 0.11 


= pKa + log асај = = —log (1.8.x 10-5) + log og 
= 4.82 
Problem: The dissociation constant of. NHOH is 2.0 x 10-*. What will be 


the OH- concentration of an aqueous solution which is 0.1 M with respect to 
NH,OH and 0.1M with respect to МН,С1? 
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ii. Las DERE TOR 


= = E 
[NH,OH] 2x10 
[он] = NEST = =2х10 АИ 


In view of the low Kg value it has been assumed that the NH,OH does not 4:550- 
ciate to-any significant extent. 


Salt 0.1 
(b) РОН = рК» + log |) = pKs + log ўт = PK» 
У [OH-] = Kp = 2 x 105М 


Problem: Yn dilute aqueous solution H,SO, is completely dissociated into 
H* and HSO,- ions. The second step dissociation constant has a value of 
1.2 x 10-*. Calculate the concentrations of H*, HSO,- and OH- ions in 1.00 
litre solution containing 0.100 mole of H,SO,. 

Note that the total H* ions will be coming from both the dissociation steps. 
Let x be the concentration of H+ coming from the second step. Then x will also 
be the concentration of SO;?-. 


Total [Н+] = 0.1 + x; [SO-] = x 
[Н+] [SO2-] _ (01--х)х _'O.1x + x? 


ST TSO, Орах бека 
Neglecting x? we have: 
Q.1x = 0.1 x L2 x 10-2—(12 x 10-2)x 
12 x 10-* 
m -3 - E = 
0.112х = 1.2 x 10 EUR e ӨП? 0.01 M 


2 Total [H+] = 0.1 + 0:01 = 0.11 M 
[SOg-] = 0.01 M 
[Н50,-] = 0.1—0.01 = 0.09 М 
1 x 1074 


(она p 9 x 10-4 M 


Problem: Ка for HY is 1.0 x 10-7. Calculate the OH- of an 0.01 M solution 
of a salt KY. What is the pH of the solution? 
E x05 


Ky х Kp = Kw = 1 5с ЛОМ; Кв = 9x 107 = 10 х 10-7 


Kz of Y- + H,O = HY + OH- is 1.0 x 107 
, Thus Ка = ШУК IJI. 10 x 10-7 


ACIDS AND BASES 187 


But [HY] = [OH ]and [Y7] = 0.1 since KY is a fully dissociated salt. 
[OH-] [HY] = [OH- = Ks x [Y7] = 1 x 107 х 10-3: = 1 x 10-5 
= [OH-] = 1 х 10M; г. рОН = 4; „рН = 14—4 — 10 


Ostwald's Dilution Law: This law tells us how the dissociation of weak 
electrolytes (i.e. incompletely dissociated electrolytes) in solution is influenced by 
dilution. Acetic acid, for example, is a weak electrolyte and dissociates as follows: 

» CHCOOH = CH,COO- + Н+ 
This dissociation has a characteristic equilibrium constant, Ka, specifically called 
acid dissociation constant. Let us assume that 1 mole of acetic acid is dissolved in 
v litres of water, so that its concentration is 1/v moles/litre. We further assume that 
a fraction, с, of this acid has undergone dissociation. Since we started with 1 mole, 
then « mole (fraction) has dissociated; (1—а) mole has remained undissociated. 
a is also called the degree of dissociation. We can write the following relation: 


PERS [Н+] [CH;COO ] _ (ај) x (aIv) _ ato e 

4 [CH,COOH] . ü—syv Пау @—а) 

where c is the concentration of the original CH,COOH (с = 1/v moles/litre). 
This relation predicts that as we go on diluting a solution of a weak electrolyte, 

c gradually decreases and hence in order to maintain K4 constant, oc has to increase 

in the numerator. oc being small compared to 1 may be neglected in the denominator. 

Thus we see with dilution the degree of dissociation of a weak electrolyte increases. 

This is Ostwald’s dilution law. Strong electrolytes (e.g. NaCl) are wholly dissociated 

in solution and hence do not come under the purview of Ostwald’s dilution law. 


STUDY QUESTIONS 


1, CF,COOH is a very strong acid and (СЕМ has no basic properties. Is there any com- 
mon cause? 

2. HCIO, is a very strong acid in aqueous medium. In what solvents would it behave as a 
moderately strong or weak acid? 

3. HCIO, HBr, HNO, are strong acids in aqueous medium. NaH, NaNH, and NaOC;H; 
are also strong bases. Explain. 

4. Thiocyanate is an ambidentate ligand (Chapter 10). Do you think weakly basic metals 
should bond to thiocyanate at the$ end and basic metals through nitrogen? 

5. The pH of blood is 7.40. Calculate the ratio of bicarbonate to carbonic acid (K4! of 
H,CO, = 4.5 x 107). ^ 
[H+] [HCO,~] 


H,CO, = Н+ + HCO;-; Ка = 
Ws з A ч. О, ] 


ATDHCO. Taj ка 045 X107 15 x 107 
** [H.CO,] [H*] їн] 3,98 x 10+ 


~ 


(pH = 740; —log[H*] = 740; log(H*] = — 740 = 8.6 


[H*] = antilog of 8.6 = 3.98 x 107) 
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6. Which is the strongest protonic acid in the series? (а) NHs, PH;, SbH; (b) SnH,, SbH;, 
HaTe (c) [Fe(H,0),J**, [Fe(H.O)**, Н.О. 

7. Which are the strongest Lewis acids in the series? (а) BFs, BCl;, ВІ, (6) BeC!».BCl,. 

8. In order that a protonic acid can function as an acid conditions must be favourable for 
the solvation of the proton. Comment. 

9. The dissociation constant of an indicator acid is 1 x 10-*. The undissociated acid has a 
red colour, the anion form has a yellow colour. What wili be the colour of the indicator in a 
solution of pH 4, 6 and 8? 

10.. ВСІ, cannot function as a Lewis base. Comment. 

- 11. Tricovalent phosphorus compounds can serve as Lewis bases and also as Lewis acids. 

Comment (see also Chapter 18). 

12. Ammonia is a base according to Lowry-Brünsted concept and also according to Lewis 
theory. Comment. 

13. The reaction НСІ (aq) -+ KOH (aq) > КС! (aq) + H,0 is neutralisation according to 

(a) Lowry-Brónsted concept (6) Lewis theory and (c) solvent system concept. Comment. 

14. An acid is an electron pair acceptor and a base an electron pair donor. Elucidate. 

1$. For each metai the lower oxidation states are basic and the higher oxidation states are 
acidic, Comment. 

16. You аго given 10 mi of 0.1 M НСІ. How would you make solutions of (a) pH 1.0 
(b) pH 2.0 and (c) pH 7.0? | 

17. 105 g. of HN; is dissolved to produce one litre of a solution of pH 2.0. Calculate the 
dissociation constant of the acid. * (Ans. = 41 x 1079) 

18. Classify the following into acids and bases following the electronic theory: (а) NH,* 
(5) Н+ (с) D,O (4) H- (e) (CH;),SO 
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Non-aqueous Solvents 


Much of our chemical knowledge has been gathered from studies in aqueous 
medium. Water has some very useful solvent characteristics: wide availability, 
wide liquid range, ease of handling and its ability to dissolve ionic compounds. 
These qualities have made water a universal solvent. Chemists, however, have 
extended their studies to other non-aqueous solvents as well. The concepts of 
acids and bases developed in the previous chapter are useful in an appreciation 
of the chemical reactions in non-aqueous solvents. 


9.1. CLASSIFICATION OF SOLVENTS 


А common classification of solvents is based on the proton-donor and proton- 
acceptor properties of the solvents. The following Table 9.1 shows three types of 
solvents—protic, aprotic and amphiprotic. 


Table 9.1. Types of Solvents 


Solvent type Proton donor/proton acceptor character Examples 
1. Protic i | 
(а) асїйїс (a) tendency to release proton HF, H.SO,, CH;_ 
(protogenic) COOH, HCN 
(b) basic (b) tendency to accept proton NHs, amines, N;H, 
(protophilic) 
2. Aprotic No tendency either to release or C,H,, СНС, SO;, 
` to accept protons CCL 


3. Amphiprotic ` tendency to release or to accept H,O, ROH 
protons depends on the nature 
of the reacting species 


190 INORGANIC CHEMISTRY 


Protic solvents carry hydrogen in their formula and may be predominantly 
either acidic (HF) or basic (NH). Aprotic solvents may or may not carry hydro- 
gen in their formula. They do not release proton nor accept proton. Amphiprotic 
solvents have hydrogen as one of their constituents, and can exhibit both acidic 
and basic properties depending on the nature of the reacting species. Such solvents 
dissociate feebly into protons and anions. Water and alcohols are amphiprotic 
solvents. 

Another alternative way of looking into the classification of solvents is based 
on the solvent system concept of acids and bases (section 8.2). In this form of 
classification the solvents can generate through autoionisation a particular set 
of cation and anion. Solutes which can break up to produce the same cation as 
the solvent itself does will be termed as acids and those which can give the corres- 
ponding anion will be designated as bases. Thus in liquid ammonia QNH; > 
NH,* + NH;7) ammonium salts are acids while amides are bases. Similarly in 
liquid SO, (250, — SO** + 50,2“) "!опу! halides behave as acids (SOCI, > 
502+ + 2CI-) while sulphites (KSO, — 2K+ + SO,*-) as bases. Such classi- 
fication effectively means sorting out of a set of parent solvents for particular 
solutes. j » 

Solvents may also be classified from another viewpoint. Some solvents are 
suitable for dissolving ionic compounds and for initiating ionic reactions. Such 
solvents are called ionising (or ionic) solvents (НО, NH;, HF etc.). There are 
other solvents which cannot dissolve ionic compounds nor can initiate ionic reac- 
tions. They are suitable for dissolving non-ionic, neutral compounds, and are 
called non-ionising solvents (C;Hs, ССІ, etc). Ionising solvents are themselves 
polar whereas the non-ionising solvents are non-polar. 

Since no ionic reactions can be studied in non-ionising solvénts, the solvent 
properties of such solvents are mostly confined to dissolution of non-ionic com- 
pounds. In this chapter we are concerned with the examination of some ionising 
solvents and to begin with, some qualities of ionising solvents will be enumerated. 


` 9.2. QUALITIES OF IONISING SOLVENTS 


An ionic compound is a compact assemblage of positively charged cations 
and negatively charged anions. The process of dissolution of such а compound 
in a solvent must involve a separation of the cation and anion. A weakening of 
the electrostatic attraction’ between the two ions must be brought about, and 
this is realised through a judicious choice of a solvent. The force of attraction (F) 
between two charged spheres (g^ and 47) separated by a distance r, in a medium 
of dielectric constant D, is given by: 

Sues dtu td: 

BS ERIS: 
Dielectric constant may be viewed as a proportionality constant. The relation 
immediately shows that for the same q+, q- and r the force will be smaller the 
Jarger the dielectric constant of the solvent. Thus a good ionising solvent must 
have a high dielectric constant. For instance water has a high dielectric constant 
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(78.5) and therefore is a good solvent for ionic compounds. The positive ions 
(say Ма») of an ionic, solute (NaCl) are attracted by the negative dipolar end 


Н+. 
of H,O ü Dor – | and the negative ions (Cl-) are attracted by the positive 
+ 


end of the aqua molecules. Thus NaCl passes into solution in water. А solvent 
of high dielectric constant effectively reduces the attraction of the oppositely charged 
ions of the ionic solute for each other, thus facilitating dissolution. It is imperative 
that in order to have a solute dissolve in an ionic solvent, the solute must itself 
be ionic. This explains why a non-polar substance does not dissolve in ionic 
solvents like water. 

The reader should. note that solvent-solute interaction leading to solubility 
is more involved than would appear from. a series of dielectric constants alone. 
Other factors that might have specific influence in specific cases are ion-dipole, 
dipole-dipole, hydrogen-bonding and even z-complexing interactions. 

Thus HSO, (dielectric constant 85) and HF (dielectric constant 84) are quite 
good solvents for many organic molecules. Evidently the organic molecules act 
as bases: 

СН. gi 

CH,” i 
Acetonitrile (dielectric constant 36) readily forms complexes with copper (I) 
and silver (I) iodide resulting in their dissolution although these salts are insoluble 
in water. Lithium iodide and also МИ, NiBr, are soluble in solvents such as 
acetonitrile, dichloroethylene because of formation of complex species [Nil,]*~, 
[NiBr,]?-. Silver perchlorate is soluble in benzene to provide crystals of AgCIO,. 
C,H,. Structure determination has revealed that Ag* ion is closely associated 
with a double bond of the aromatic ring—indicating some z-type interaction 
between the filled metal d-orbital with empty z* orbital of the aromatic ring. 
The high solubility of iodides in liquid ammonia may also be ascribed, at least 
in part, to hydrogen bonding. 

Table 9.2 records the viscosity, dielectric constant, autoionisation and. the 
ionic products of some common ionising solvents. Viscosity of the solvent often 
influences the usefulness of the solvent. Mobility of ions depends on viscosity, 
mobility decreasing with increasing viscosity. Solvents of low viscosity can be 
handled rather easily. Precipitation, crystallisation and filtrations are carried 
out, on the other hand, with considerable difficulty in solvents of high viscosity. 


СН a+ M 
= O + HS0, > „С = OH* + HSO,- 
CH 


Table 9.2. Physical Properties of some Tonising Solvents 


Solvent Viscosity Dielectric Autoionisation Tonic Product 
(millipoise) Constant 
Water 10.08 78.5; 2H.0: = БОРЕ ОН- 1054 


Ammonia .2.65 22 2NH, = МН,+ 4- NH;- 10785 
Hydrogen Fluoride 2.4 84 ЭНЕ = ЊЕНЕ 1024 
Hydrogen Cyanide 2.0 107 2HCN = H,CN+-+CN- 10-5 
Sulphur dioxide 4.28 123. 250, = SO*---SO,-- 10-5 
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The dielectric constants of the ionising solvents in Table 9.2 can be properly 
appreciated against the dielectric constants of ~ 2 for common non-ionising 
solvents. It should be noted that solvents of high dielectric constants are generally 
highly polar, which characteristic leads, in turn, to association in the liquid state. 
The ionic products in the last column of Table 9.2 give an idea of the extent of 
autoionisation of the solvents. 

We discuss below some of the characteristics of common non-aqueous solvents 
as also the nature of the reactions studied in these media. 


9.3. LIQUID AMMONIA 


Solvent character: Compared to water the effect of hydrogen bonding is 
less pronounced and the liquid is moderately associated. Its freezing point 
(—77.7°С) and boiling point (—33.3°C) are lower than those of water. The dielec- 
tric constant (22) is low compared to that of water (78.5). Ionic product (10735) 
is also smaller than that of water (10738), Liquid ammonia is therefore a weaker 
ionising solvent than water. 


Table 9.3. Solubilities of some Salts and Organic Compounds in Water and liquid 


Ammonia: 
Compound names Liquid NH, 
NaCl | 0.6 mole/100 gm (0*C) 0.22 mole/100 gm (—1°C) 
Nal 1.07 3 0.88 » 
Satd. СН, insoluble. insoluble 
Unsaturated hydrocarbons insoluble soluble or moderately 


soluble. 


The above solubility differences appear to fall in line with the differences in dielec- 
tric constants of the two solvents. The general order of halide solubility in liquid 
ammonia is iodide > bromide > chloride > fluoride. 

Solutions of metals: The alkalies and the alkaline earths are soluble in liquid 
ammonia providing a blue solution. In dilute solutions the metals are completely 
dissociated into metal ions and ammoniated electrons. The electrons are trapped 
in cavities in the solvent. The electrons are thus solvated. These solutions on 
evaporation leave behind the metals indicating that the electrons return to the 
parent ions. In moderately concentrated solution, however, the decomposition 
reaction л 

М + NH; = ММН, + iH; 
сап occur photochemically or under the catalytic influence of transition metal 
ions. This behaviour is parallel to what the alkalies or the alkaline earths show in 
aqueous medium. 

M +.H,O = MOH + 4H, 


For further informations see section 14.1.2. 
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Reactions in Liquid Ammonia: 

(1) Neutralisation reactions: Ammonium. ion in liquid ammonia behaves 
as an acid and amide ion-as а base. Imides and nitrides also behave as bases in 
this solvent. The following reactions therefore are examples of acid base neutra- 
lisation reactions: 

NH, + NH; = NH,* + NH,7 

NH,Cl + KNH, = ка + 2NH,; 3NH,I + BIN = Bil, + 4NH; 

2NH,I + PbNH = РЫ, + 3NH; 


There is a close connection between water and liquid ammonia. The counterpart 
of amides and imides in liquid ammonia is the hydroxide in water. Nitrides in 
liquid ammonia are equivalent to oxides in water. 
(2) Precipitation reactions: The precipitation reactions are exemplified by 

the following: 

Zn(NOj), + 2NH,I = Znl, | + 2NH;NO; 

Sr(NO,)2 +.2NH,Br = SrBr, | + 2NH,NOs 
Zinc iodide and strontium bromide being insoluble in liquid ammonia are thrown 
out of solution. Note in aqueous medium both these compounds are highly soluble 


and no precipitation would occur. 
It is quite interesting to note that although AgNO, and NaCl react in water 


to precipitate AgCI no such precipitation ‘occurs in liquid ammonia. It is also 
fascinating to note that in this solvent AgBr and Ba(NO;); interact to precipitate 
BaBr,. Evidently complexation with the solvent itself does play a decisive role 
in deciding the nature of the precipitation. AgCl remains soluble in the form of 
[Ag(NH;);] Cl. 

(3) Complex formation: Zinc (Il) amide, Zn(NH;), is sparingly soluble 
in liquid ammonia but dissolves readily in excess amide to form a complex ammo- 
nozincate. 

Zn(NO;) + 2KNH; = Zn(NH;) + 2KNO; 
Zn(NHj) + 2КМН„ = K;[Zn(NH;)] 

(4) Oxidation-reduction reaction: Solutions of the alkalies and the alkaline 
earths in liquid ammonia may act as electron donors (reducing agents) by releasing 
their labile valence electrons to electron acceptors (oxidising agents). The reaction 
of sodium with ammonium bromide is effectively an oxidation-reduction reaction: 


2Na + 2NH,Br = 2NaBr + 2NH; + H; 
Na is oxidised to Na+ and NH,* reduced to NH, + На. 
Na — Nat + e; NH,* ^ NH; + H+; 2H* + 2e — H, 
(5) Solvolysis reaction: Just as in aqueous medium often a normal inorganic 


salt suffers hydrolysis to a basic salt, many inorganic salts react in liquid ammonia 
to producé ammono-basic compounds: 
2РЫ, + 3NH,; — Pb(NH.),.Pb(NH3)I + 3HI 
Бест, + NH; + НЕМН,СІ + HC! 
13 
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6) Amphoteric Behaviour in liquid ammonia 
Mg(NH;), and Zn(NH,), behave as amphoteric compounds in this solvent: 
AsBase : 2МН,СІ + Mg(NH;), — MgCl, + 4NH, 
As Acid : Mg(NH:), + 2NaNH, — Na;[Mg(NH3)] 
As Base : 2NH,CI + Zn(NH;); — ZnCl, + 4NH, 
As Acid : Zn(NHj) + 2NaNH, — Na,[Zn(NH,),] 


Compared to NaNH;, Mg(NH;), and Zn(NH,;), are weaker bases ie. аге 
acids in liquid ammonia. 

The above ‘acid’ behaviours are comparable to the ‘complexation reactions’ 
mentioned earlier. 


9.4. LIQUID HYDROGEN FLUORIDE 


Solvent character: Anhydrous hydrogen fluoride is an associated liquid 
(B.P. 19.5*C) with a high dielectric constant (84). It is therefore a good solvent 
for ionising compounds. However anhydrous hydrogen fluoride is a highly reactive 
substance and thus many compounds decompose during dissolution. 

Reactions in liquid Hydrogen Fluroide: The autoionisation reaction of HF 
is ЗНЕ = ЊЕ+ + HF;-. Compounds like KF, NH,F yield their simple ions 
first, which is followed by a further reaction of the fluoride ion with HF giving 
the anion HF,~. Thus these compounds behave as bases in this solvent. 


KF = K+ + F-; HF + F- = HF,- 
A few other salts (NaNO;, AgNO,, Na,SO,, NaClO, etc) dissolve and form fairly 
stable conducting solutions. Note that these ions have nothing in common with 
HF, so that they behave as neutral ionic compounds in this medium and can give 
rise to precipitation reactions with AgF: 
NaSO, + 2AgF = Ag.SO, | + 2NaF 
Ва(С10,), + 2AgF = 2AgCIO, | + BaF, 
Unfortunately, many inorganic compounds are decomposed by this solvent. For 


example, metal chlorides give fluorides and hydrogen chloride which, being 
insoluble in HF, escape. Ў 


KCl + HF > HCl 1 + КЕ K++ HF,- 
SbF, has been observed to behave as the strongest acid in liquid HF: 
2HF + SbF; —H;F* + SbF,- 


This reaction proceeds with considerable evolution of heat. GeF,, SnF,, SeF,, 
VF, etc. exhibit definite but rather low acidic properties. 


NON-AQUEOUS SOLVENTS 195 


Aluminium (Ш) and chromium (ЇН) fluorides show amphoteric properties 
in liquid HF. 


AsAcid : ЗКНЕ, + AIF, > 3HF 4- K,AIF, 

GHF;- + AIF, — AIF ~ + 3HF) 
AsBase : Na,AIF, + 3H(BE,) > AIF, -+ 3Na(BF,) -+ 3HF 
(cf : NaAIO; + Ht + H,O > Al(OH), + Na+) 


Often a solute adds an HF molecule and then breaks up into a cation and fluoride 
‘anion which in turn picks up another HF molecule and takes the form of НЕ“ 
(е.р.: CHCOOH). 


dg Я 
CH,COOH + НЕ = СНСООН, + + F- — СНСООН; + + НЕ,“ 


Weak protonic acids like CHCOOH thus behave as bases in this medium. 
Oxides and hydroxides react violently with liquid HF to form water and 
fluoride ion, the former reacting with HF to give HF,~ and H;O*. 


М,0 + 2HF = 2МЕ + Н,О; H,O + HF = H;0* +F- 
НЕ + F- = НЕ,“ \ 


9,5. LIQUID SULPHUR DIOXIDE 


Solvent character: Liquid sulphur dioxide boils at —10.2°C, freezes at 
— 75.5°С and has а low dielectric constant (12.3). It is therefore not a very good 
solvent for ionic substances but is à good one for many types of organic com- 
pounds. Metal oxides, sulphides, sulphates and hydroxides are practically insoluble 
in this solvent whereas metal sulphites, halides and thiocyanates are highly soluble. 
Compounds such as CCl, SiCl,, TiCl,, CS, (CH3).0, CgH;Cl, alcohols, ketones, 
aldehydes are either very soluble or moderately soluble. It may be recalled Bronsted 
protonic concept will not apply in this aprotic solvent casc, instead Lewis 
acid-base concept has to be applied. 

Reactions in liquid Sulphur Dioxide: The autoionisation of liquid -sulphur 
dioxide shows that the thionyl ion (50* +) should be an acid and the sulphite ion 
(SO;?-) should bc thc base: 

250, = 508! i- SO;'- 
Thus the reaction of thionyl chloride and cacsium sulphite is an acid base reaction 
in this solvent. The reaction can be followed conductometrically with a break at 
1:1 ratio of SOCI, and Cs,SO,. 
SOCI, + Cs,SO, = 22501 4- 280, 
acid base salt solvent 
The above reaction is comparable te the following reaction in aqueous medium: 
НСІ + СОН —— CsCl + H,O 
алі bass salt solveat 
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Two soluble ionic substances may lead to precipitation reactions as shown by 
the following reactions: 


Bal, + Zn(CNS)2 = Ba(CNS), | + Zul; 
AICI, + 3NaI = 3NaCl | + All, 


Complexation reactions are also observed in this medium. For instance, aluminium 
chloride and caesium sulphite first react'to precipitate Al,(SO,),, which dissolves 
in excess caesium sulphite to form a soluble sulphite complex of aluminium. 


2AICI, + 3Cs,SO, = Al,(SO,), + 6CsCI 
AL,(SO;), + 3Cs,SO, = 2Cs,[AI(SO;);] 

Oxidation-reduction reactions have also been carried out in this solvent. 
The oxidation of potassium iodide by antimony (V) chloride proceeds quantita- 
tively: К 

| 6KI + 3SbCl; — 2K,[SbCl,] + SbCl, + 31, 

Solvolysis of phosphorus pentachloride occurs in this solvent. 

PCI, + SO, = POCI; + SOCI, 
NbCI; + SO, — МЬОСІ, + SOCI, 


Amphoteric Behaviour: Solutions of AICI, and [(CH;),N],SO; in liquid SO, 
precipitate Al,(SO,)s. This dissolves in excess of the sulphite base from which 
solution Al;(SO;); can be reprecipitated by the addition of the acid SOCI,; 


2AICI, + 3[(CH,),N]2SO; — Al,(SO,), + 6(CH;)N]CI 
Al,(SO5)3 + SICH) N] „50 — 2[(CHs),N],Al(SOs)s 
2[(CH,),N],A1(SO5) + 3SOCI, — 6[(CH,),N]CL+ 680, --AL(S09)s 


9.6. LIQUID HYDROGEN CYANIDE 


Although this liquid has a high dielectric constant (107), its solvating pro- 
perties are inferior to those of water.-Its poisonous nature has seriously limited 
studies in this solvent. The autoionisation reaction is: 

HCN + HCN = H,CN* + CN- 
Substances releasing protons (e.g.: sulphuric acid) should act as acids and those 
producing cyanide (e.g.: triethyl ammonium cyanide) should function as bases. 
Precipitation and complexation reactions will be of the following forms: 
FeCl, + 3(C;H;NH]CN = Fe(CN); |. + 3{(C2H;);NH]CI 
Fe(CN); + 3[(C,H,),NHJCN = [(C2H,),NH]3[Fe(CN),] 


9.7, LIQUID HYDROGEN SULPHIDE 


This solvent (B.P.—61°C) has a low dielectric constant (10.2). The auto- 
ionisation reaction is: ; 
29,5 = H,8* + SH- 
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Solutes yielding hydrogen ion on dissolution would behave as acids and those 
yielding SH- ions will function as bases. Thus neutralisation reactions between 
acids (eg: HCl, HBr, CH,COOH etc) and bases (e.g.: trimethyl ammonium sul- 
phide [(C.H;)sNH]SH can be carried out. Solvolysis also occurs in many instances, 
for example, Hg;Cl; react with H,S to give Hg.(SH);, and AsCl, to form AS385. 


9,8, SOME MORE NON-AQUEOUS SOLVENTS 


Instead of going into the details of inorganic reactions in many other non- 
aqueous solvents we only cite a few autoionisation reactions of some more solvent 
systems. These autoionisation reactions are enough to make one guess the course 
and type of reactions to be expected in such systems. 


Table 9.4. Properties of some more Solvents 


Solvent , Autoionisation reaction Dielectric Constant 
Phosphorus Oxytrichloride РОС = РОСІ,+ + CI- 13.0 
Selenium Oxychloride SeOCl,. = SeOCI* + СТ 46.2 
Carbonyl Chloride. СОС = COCI* + Cl- 4.34 
Acetyl Chioride CH;COCI = CH,COt + Cl- 16.9 
Acetyl Bromide CH,COBr = CH;,CO* + Br- 16.5 
Ethyl Acetate CH,COOC,H, = CH;,CO* + ОС,Н;- 6.0 
Nitromethane CHNO, = CH,NO,- + Ht 38.6 
Acetig Acid CH,COOH <=°CH,COO- + Н+ 6 
Acetonitrile CH,CN = CH,CN- + Ht 36 


eee» 


STUDY QUESTIONS 
i 


1, Aniline cannot be titrated in aqueous medium with an acid but the titration can te done 
in glacial acetic acid. Comment. 

2. What are the principal species expected in solutions of the following solutes in water, 
anhydrous H,SO, and liquid ammonia- NaOH, 505, (NH,),SO, and H,O. 

3. Ammonia is а base according to Lowry-Brónsted concept and also according to Lewis 
theory. Comment. Discuss some reactions in this solvent in support of the two concepts. 

4. The reaction НСІ (aq) + KOH (ад) — КС! (ад) + Н.О is neutralisation according to 
(а) Lowry-Brónsted concept (5) Lewis theory and (c) Solvent system concept. Comment. Take 
two non-aqueous solvents and discuss the reaction between HCI and KOH. 

5. Water has а much higher boiling point than ammonia, Water is a better solvent for salts 
but a poorer one for organic compounds. Attempt to find a link between these two statements. 

6. Explain: (а) A liquid ammonia solution of phenolphthalein is colourless but becomes 
red on addition of KNH, (6) Liquid ammonia becomes quite conducting on addition of NH,Br 
© Liquid COC), has а low conductivity which is increased on addition of AICls. The resulting 
solution reacts with metals with evolution of CO. 
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7. Why is it that in a given solvent, acids and bases are usually soluble but amphoteric 
compounds are precipitated? 
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Coordination Chemistry 


10.1. INTRODUCTION 


Tassaert made the beginning in 1798 with an orange coloured compound, 
CoCl,.6NH;, obtained on standing an ammoniacal solution of cobalt (П) chlo- 
ride. This same compound is now easily obtained in a pure state and in high yield 
by air-oxidation of ammoniacal cobalt (II) chloride in the presence of active 
charcoal as a catalyst. The structures of such compounds were the subject of 
prolonged controversies between two famous adversaries of the late nineteenth 
century, Jorgensen and Werner. Werner finally solved the mysteries and brought 
order into the area by announcing his famous coordination theory. 
pr coordination theory Werner infroduced two great ideas: (1) In a coor- 
dination complex a metal ion is engaged in strong binding with a certain number 
of neutral and/or anionic groups in the first sphere of attraction, now called the 
coordination zone or sphere: (2) The metal ion is surrounded by the neutral and/or 
anionic groups in the coordination zone in a definite geometrical arrangement. 

Werner argued that metal ions possessed two kinds of valence: a primary 
valence and a secondary valence. Primary valence was satisfied by requisite number 
of anions or negative groups being present inside and/or outside the coordination 
sphere. Secondary valence indicated the capacity of the metal ion to accommodate 
certain number of groups around itself in the first sphere of attraction. Primary 
valence is now equated with the oxidation state and the secondary valence with the 
coordination number of the metal ion. 

Werner’s ideas were supported by experimental findings on many compounds, 
It was shown by a large number of simple metathetic reactions on CoCl,.6NH; 
in aqueous solution that changes were forced only on the chloride part leaving 
cobalt and the six NH; groups intact. 

Werner realised that CoCl,.6NH, should better be represented as а strongly 
bound unit [Co(NH;);]*, leaving the three chloride units as anions outside the 


we у po 
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square bracket. The unit within the square bracket was recognised as a complex 
entity, formed as a result of coordination of the neutral NH; molecules to the 
Co3* cation, both these being capable of independent existence. That such a 
formulation was indeed correct was amply verified by conductance measurements 


со,0, + NH,+ KCI Co (NO ,.6 NH, * AgC! 
кон 
(heat) AgNO; 
50, 


со(50,). GNH,«— e Co СІ, 6 NH, 708 __„ со (OH). NHF AgCI 
а 


+на 15 н; ^e 
conc, 
KI с. HCI 
Co I,. 6NH, ‚Мо change 


+кс! 
Chart 10-1. Werner's metathetic reactions on CoCl,.6NHs. 


(Лам = 432 ohms-! cm? mole), the yalue being close to those of authentic 
tri-univalent ions (СеСћ, 408 and K,Fe(CN),, 435 ohms-* ст? mole). Werner 
named the zone within the square bracket as the first sphere of attraction, the 
anions being held in a second sphere of attraction. 

According to Werner the geometrical arrangement around cobalt (IIT) was 
octahedral and hence there should be six groups around cobalt (III). The primary 
valence of + 3 of cobalt (III) in [Co(NH;),]Cl, is satisfied by the three chloride 
ions while the secondary valence is satisfied by the six NH, groups. Werner for- 
mulated CoCl,.5NH, as [CoCK((NH;);]Cl indicating once again that the primary 
valence of cobalt (IIT) is satisfied by one С1- inside the coordination zone and 
two Cl- outside the coordination zone. In accordance with.this formulation the 
compound is a bi-univalent electrolyte. The compound CoCl;.3NH, was given a 
non-electrolyte structure: [CoCl,(NHs)s]- 

It is now quite amusing to note the way Jorgensen tried to explain the struc- 
tures of the cobalt (III) ammines. Following the structure of ethylenediamine 
chloride (a), Jorgensen represented the cobalt (IIT) ammines with chains of differ- 
ent lengths. He thought that the valences of cobalt in these 


NH,—HCl NH,—Cl 
H, —NH,—NH;—NH,—NH,—Cl 
NH,—HCl NH,-d 
(a) (b) - 
а а 
; do- NH,—NH,— NH, NH,—cl Qo— NH, —NH,—NH,—Cl 
NH,—cl à 


(с) (4) 


^ 
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compounds were different and therefore stabilised chains of different lengths. 

‚ Since in CoCl,.6NH, (P) all the three chlorines were some distance away from 
cobalt these were, according to Jorgensen, readily precipitated by Silver nitrate 
while in CoCl;.5NH, (c) two chlorines were expected to be readily precipitated. 
Such reasoning would predict that for the-then-unsynthesised CoCk.3NH; (d) 
only one chlorine would be readily precipitated. This compound could not be 
prepared by Jorgensen but its iridium (Ш) analogue, IrCl,.3NH;, was prepared 
and it failed to give any precipitate with AgNO;. This showed that all the three 
chlorines were strongly bound and that Jorgensen could not be right. 

Jorgensen's problem was that he refused to think of these complicated mole- 
cules in any other way outside the chain theory. But characteristic of a genius 
Alfred Werner brought in a bundle of fresh thoughts in this area and that made 
all the difference. 

Alfred Werner played such a monolithic pivotal role in the development of 
coordination chemistry that the subject is now synonymous with his name. His 
researches on the coordination chemistry of metal ammines are now classics. Metal 
ammines and related complexes are often lovingly called Werner complexes. 


10.2, DEFINITIONS: COMPLEX, LIGAND AND COORDINATION 
NUMBER 


A metal ion (whether it is positively charged, neutral or even negatively 
charged) may combine with neutral molecules or anions to give a new reasonably 
identifiable entity called a complex. The groups that surround the metal ion in 
a complex are called ligands. The ligands are arranged around the metal ion 

Ми» -+ xL = [MLz]"* 
inside the first sphere of attraction in preferred geometries. The number of the 
ligands bound around a metal ion is called the coordination number of the metal 
ion. Та the above reaction a metal ion M** reacts with x moles of a neutral ligand 
L (each capable of taking one coordination position) to form a complex [ML;]"*. 
Here x represents the coordination number. In [Co[NHs),]Cl;, Co** has a 
coordination number six. 

It will now be proper to discuss any difference between a double salt and a 
complex salt. A double salt such as KAI(SO,),.12H,0 or 3CsCI.CoCl, is so very 
dissociated into its component ions (in, say, water) that there does not exist any 
reasonably identifiable complex entity. On the other hand, in complexes СоСђ. 
6NH, or CuCl.4NH; we. have identifiable complex entities [Co(NH,).]°* or 
[Cu(NH,),]?+. A very weak complex wholly dissociates into its component ions. 
Therefore in a suitable solvent a double salt breaks down into component ions, 
which can be detected by the usual tests of these ions. A stable complex ion, 
obviously, will not respond to the tests of its component units. 


10.3. COMPLEXATION—A DONOR-ACCEPTOR INTERACTION 


Structure determinations have shown that most polar ligand molecules are 
so oriented in a complex that one unshared pair of electrons points directly to 


A 
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the metal ion. The ligand is a donor of electrons and the metal ion an acceptor. 
However this statement will be profoundly modified when the metal ion is in a 
low oxidation state and when the ligand possesses acceptor orbitals in addition 
to donor orbitals. 


10.4. CLASSIFICATIONS OF LIGANDS 


Based on donor and acceptor properties ligands may be of the following 
types: ai. А 


Ligands 
| Е 
(1) With one (or more) lone (2) Without a lone pair of electrons 
pair (s) of electrons but with z-bonding electrons e.g.: 
ethylene, benzene, cyclopenta- 
dienyl ion. 
J) ee So ded 

(a) No vacant orbitals to (b) Vacant orbitals that can be used 

| ' . receive back donated to receive back donated v electrons 

electrons from metal from the low oxidation state metal 

e.g.: Н.О, NH, F- e.g.: PR, СМ“, CO 


Ligands may also be classified according as the number of coordination 
positions they occupy around the metal ion (Table 10.1). A ligand having only 
one lone pair of electrons can only be bonded to a metal ion at just one stereo- 
chemical point, that is, it occupies one coordination position only. This is called 
a unidentate or a monodentate ligand. When the ligand can occupy two positions 
around the metal ion it is bidentate; with three, four, five or six such links the 
ligands are called tri (ter) dentate, quadri (tetra) dentate, penta (quinque) dentate 
or sexa (hexa) dentate respectively. Some authors prefer to classify ligands accord- 
ing to the number of donor atoms they can offer to metal ions. Thus, when a 
ligand has two atoms which can simultaneously serve as donors it is called bidentate 
and so on. It follows that a bidentate ligand has to have two lone pairs, a tridentate 


Table 10.1. Some Monodentate and Polydentate Ligands 


Ligand type Name { Formula 
н 
Ammonia «— N—H 
H 
Monodentate 


Pyridine -—N, Q ) 
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Table 10.1. (Continued) 


Ligand type Name Formula 
З NH; 
ae x “ен 
ethylenediamine (еп) | 
чо сн; 
ме“ 
NH; NH 
HN. PN с^ G 
Biguanide (BigH) || 11. 
NH P n 
HN 
jm 
Glycinate ion (gly) | 
~ c= 
a 
Bidentate 


Dipyridyl (dipy) 


| „> 
| a 
| # т ( oo. (о У: 


\ C XN. 
Oxalate ion (ox) | P. 
2—0 
о“ 
s NH;— CH; 
Tridentate 
(Terdentate) pon? 
Diethylenetriamine (dien) «——- NH 

CH? 
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Tabid 10.1. (Continued) 
Ligand type , Name Formula 


Tridentate " ~, 
(Terdentate) Й Ён: 
Iminodiacetate io! А; Tte H 
о ate ion (IDA) о йы —N 
C—— CH, 
02 


r 


(сна) —NH — (CH), мн 


Triethylenetetramine — ' | | 
MET «—NH;—CH;), 
H 
c— UNS 
Quadridentate 
(Tetradentate) "f CH; 
Ethylene bis (salicylaldimine) 022 
апіоп P - CH2 
с =N 
H 
О, 
X CH2—N 
сн: 
iR 
ND "i CH2 
Quinquedentate ethylenediamine vm [ н, 
(Pentadentate) ігіасейіс acid anion A Z Neg a Ch 
oe 
2? H 
We = 
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Table 10.1. (Continued) 


Ligand type ©“ Name Formula 
Sexadentate ethylenediamine tetra- 
(Hexadentate) ^ acetic acid anion 
(EDTA) 
e ~ 
S vá 
C— CH: A CH;—C SS 
о 2 Dns vA X о 
б Је. N——CH; — сну — № о 
VA 
сн сн 
2 2 ANY 
val о 
т је 
NS 


v Abi dena ia Mn эшк рр ыыы ыксыз E ТАИ 
three lone pairs and so on. The polydenate ligands may be further subdivided 
according to the nature of their donor centres. Thus ethylenediamine is а bidentate 
ligand with two neutral donors (N) whereas oxalate ion is bidentate with two acidic 
(anionic) donors (O-). Glycinate ion is again a bidentate with one neutral donor 
(N) and an acidic donor (O-). Such discussions may be extended to other poly- . 
dentates as well. 1 | f 

A chelating ligand is one that contains two or more donor centres so disposed 
that they can simultaneously occupy more than one position around the same 
metal ion in the first sphere of coordination. The resulting complexes are called 
metal chelates. Thus all polydentate ligands, when bonded to the same metal 
. ion, are also chelating ligands. А chelating ligand must possess two or more lone 
* pairs such distance apart that it may form suitable strain-free rings at the metal 
ion. Too small-sized and too large-sized rings are unsuitable for stable binding. 
Usual strain-free rings are 5— or 6— membered ones. 4— and 7— membered 
chelate rings are also known but ate less stable than 5— or 6— membered ones. 

A bridging ligand is one that can simultaneously bond itself to more than one 
metal ion. OH-, Cl-, NH,- etc can function as monodentate and also às bridging 
ligands. A bridging ligand must have at least two lone pairs so that it can get 
linked to at least two metal ions. А polydentate ligand may function both as a 
chelating ligand and as a bridging ligand. Note that ОН“, СІ- ог NH,- cannot 
serve as chelating ligands because the angle between the lone pairs would not 
allow them to span adjacent coordination positions of one and the same metal 
ion. Hydrazine, NH; —NH;, can serve as a monodentate and as a bridging ligand: 
but not as a chelating ligand because a 3-membered ring will be too strained to 
be stable (cf. 15-1). 

A polydentate ligand may not bring into play all its donor centres while 
getting coordinated to a metal ion. Thus ethylenediamine tetraacetic acid, usually 
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a formidable sexadentate ligand, is also known to function as a quinquedentate 
ligand in M[Cr(OH)(EDTA)] or in M[Co(Br(EDTA)] (M = bipositive cation) 
or as a quadridentate ligand in [Pd(H;EDTA)]. Iminodiacetate anion, usually 
a tridentate ligand, functions as a bidentate one in the mixed chelate [Co(IDA) 
(BigH);] +. These behaviours are manifestations of flexidentate character of poly- 
dentate ligands. 

A flexidentate ligand is one that can chelate a metal ion in more than one 
way. For examplé cysteine, HS—CH,— CH(NH;)—COOH can function as а 
tridentate (SNO) and as a bidentate in three ways again (SN; NO; SO). 

Currently it has been brought to light that very simple molecules like М, 
and О, can also act as coordinating ligands. М, has a triple bond and a lone pair 
on each of the two nitrogens. Hence it can function both as a monodentate аз. 
well as a bridging ligand eg: [Ru(NH3)(N3)]**, [(NHs); Ru-(N;) Ru(NH;);]' * 
Dioxygen (O) usually takes part in complex reactions as a bidentate (obviously 
highly strained form) ligand eg: [Ir(PPh,),(CO) (CI) (O,)]. Considerable length- 

— ening of the O—O distance (1.3 to 1.63A) occurs (cf. О; ~ 1.324). 

Compared to monodentate ligands, chelating ligands form complexes of greater 
stability. Greater stability indicates smaller dissociation of the complex into its 
components in a particular solvent. 


10.5. COORDINATION NUMBER AND STEREOCHEMISTRY 


Since a complex is the result of an interaction between a metal ion and a 
certain number of ligands, it follows that the qualities of the two reactants ulti- 
mately dictate the coordination number of the metal ion and the geometry, that 
is, the stereochemistry of the complex. f 

While it is necessary to point out that the coordination number and the result- 
ing stereochsmistry are not always predictable certain broad features, however, 
may be outlined. xL 

1. Since an attraction between a metal ion and dipolar molecules or anions is 
involved, ihe coordination number will tend to be as large as possible. 

2. The arrangement of the coordinated ligands must be such that it minimises 
the electrostatic repulsion ‘between ligands. 

An ML, type complex therefore should be linear for such a geometry maxi- 
mises the L—L distance and hence minimises the repulsion between the two 
L groups. Similarly an ML, complex should have the three L ligands at the vertices 
of an equilateral triangle. For a coordination number four (ML, complex) the 
four L groups may be placed at the corners of a regular tetrahedron or at the 
corners of a square plane, both stereochemistries assuming minimisation of repul- 
sive forces. Likewise a coordination number five admits of two stereochemistries, 
а square pyramid and a trigonal bipyramid. An octahedron. a hexagon or a 
trigonal prism satisfies a coordination number six but in reality the octahedron 

‚ appears to be the preferred one. These stereochemistries are illustrated below 
(Fig. 10.1). Ceordination numbers seven and eight are known but are scarce 
and will not be discussed. Table 10.2 describes some stereochemistries with 
examples. 
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Fic, 10.1. Coordination numbers and stereochemistries (a) linear ML, (5) equilateral 
triangular ML, (c) tetrahedral ML, (d) square planar ML, (е) trigonal 
bipyramidal ML; (f) square pyramidal ML, and (g) octahedral ML,. 


10.5.1. Complexes with Coordination Number 2 or 3: When silver salts dissolve 
in ammonia the complex [H;N — Ав < МН]? is produced. This has a linear 
stereochemistry. Other complexes of coordination number two are mostly restricted 
to copper (D, silver (D, gold (f) and mercury (ID. Examples of coordination 
number three аге scanty. The [Hgl,]~ anion perhaps is the best investigated. In 
this anion the iodide ions are arranged at the corners of a slightly distorted equi- 
lateral triangle with the mercury (1I) at its centre. Two other examples are chloro 
bis (thiourea) copper (I) and tris (triphenylphosphine) platinum (O). Equilateral 
triangular coordination has been verified by X-ray crystallographic studies in 
these cases. Several complexes apparently with coordination number three e.g.: 
(В.Р), Cul, (dipy)Cul etc. are in reality halo-bridged dimers, fhus raising the 
coordination number effectively to four. 


Table 10.2, Examples of different complexes showing different Coordination Numbers 
„and Stereochemistries 


Coordination Examples Run 
Number 
2 [A&NHj* [CuCl] ІНЕ(СМ) Linear р 
3 1н81-, [CuCKtu);] Distorted equilateral 
E triangle y 
4 [CoCl]?-, [NiCL(PPh;);] Tetrahrdral ~ 
[NiCI(OPPh;);] 
PUE Lcd S RU UT ы лт Bae DIN PL TER > 
4 [Pt(NH3),]**, [Cu(en);]** Square planar 


[Ni(DMG);], [PtC1(PPh,).] 
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Table 10.2. (Continued) 


Coordination Examples Stereochemistry 
Number 
5 [VO(acac);] Square pyramidal 
5 [Cu(dipy);T]I Trigonal bipyramidal 
6 [Co(NH3);]**, [Cr(en),]** Octahedral 


OPPh,: = triphenylphosphine oxide; en = ethylenediamine; 
DMG = dimethylglyoximate ion; асас = acetylacetonate ion; 
dipy = dipyridyl; tu = thiourea 


10.5.2. Complexes with Coordination Number 4: Weak donor ligands such as 
Cl-, PPh,, OPPh; can enforce only a tetrahedral stereochemistry with the ligand- 
metal-ligand angle around 109°. On the contrary all strong ligand complexes with 
coordination number four force a square planar stereochemistry with the ligand- 
metal-ligand angle around 90°. Common examples of tetrahedral complexes are 
the blue coloured [CoCl,]?- (often encountered in practical class on adding enough 
HCI to the pink aqueous cobalt (II) chloride), [CuCl,]*-, [NiCl,]?-, [NiCl,(PPh,),] 
etc. Square planar stereochemistry is known for bis (dimethylglyoximato) nickel 
(1), bis (ethylenediamine) copper (II), bis (biguanide) nickel (ID, bis (biguanide) 
copper (II), dichloro diammine platinum (II) etc. 


10.5.3. Complexes with Coordination Number 5: This coordination number 
has been extensively investigated in recent times. A large number of nickel (II) and 
cobalt (II) complexes with Schiff bases and also with trivalent phosphorus ligands 


De E MOM PE: 
Trigonal bipyramidal 15 7 PE DE WI ufi Ne H 
iodobis (dipyridyl) UNI у D ар Pe DA 
copper (П) B MER : ere L-—----- О mE 
N y^ (10-1) Ў 
О Square pyramidal bis (acetylacetonato) 
(10-1) oxovanadium (ТУ) 


are known. Several oxovanadium (IV) complexes are known with square pyra- 
midal geometry. Fe(CO),, Mn(CO);-, (R;P)Fe(CO), have trigonal bipyramidal 
configurations. [NiBr,(P(C,H,);)2] and [Cu(dipy);T]l (10-1) also possess trigonal 
bipyramidal structures. Bis (acetylacetonato) oxovanadium (IV) (10-11) possesses 
a square pyramidal structure. 
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10.5.4, Complexes with Coordination Number 6 :. Although this commonest 
coordination number conforms to octahedral geometry, limited examples are 
known (section 19.10) where trigonal prismatic stereochemistry has been estab- 
lished. It may be noted, however, that depending on the nature of the coordinating 


ligands, there might occur considerable distortion of the octahedral geometry. 


The octahedron suffers tetragonal distortion on pulling out two oppositely facing 
ligands (say, the two B's in trans Ма,В,). Such tetragonal distortion may finally 
lead to a square planar structure. у 
It appears from accumulated experimental results that the frequency of 
occurrence of coordination numbers for some common ions of the first transition 
series is roughly as given below: 
Oxovanadium (IV) : ~6(octahedral) => S(square pyramidal), others rare 


Chromium (Ш) : 6(octahedral) => 5, others very rare 

Tron (III) : 6(octahedral) > 4(tetrahedral) 

Cobalt (I1) + (octahedral) > 4(tetrabedral) > 5 > 4(planar) 
Cobalt (Ш) : 6(octahedral) 2» 5, others unknown 

Nickel (П) : 6(octahedral) > 4(planar) ~ 4(tetrahedral) 
Copper (П) : 6(octahedral) ~ 5 ~ 4(planar) ~ A(tetrahedral) 


There is thus no fixed coordination number or stereochemistry for any given ion. 
A particular stereochemistry may be enforced by the donor strength of the ligand. 
uirements,of the ligand, the size and charge of the metal ion etc. 


6. NOMENCLATURE OF COORDINATION COMPLEXES 


The International Union of Pure and Applied Chemistry has recommended 
in 1960 elaborate rules for naming complicated coordination complexes. 

A. Order of listing ions: The cation is named first and then the anion. + 

B. Naming of the coordinated groups: (a) Neutral groups are generally 
named by the name of the molecules. Exceptions are H,O (aquo), NH; (ammine), 
CO (carbonyl), NO (nitrosyl). 

(b) Negative ligands (but not anions) are named with an ending —o after 
the stem-name of the anion: F-(fluoro-), Cl-(chloro-), CN-(cyano), О"-(охо), 
OH-(hydroxo), CH,COO-(acetato), HON = C(CH;)C(CH;) = NO-(dimethyl- 
glyoximato), SCN-(thiocyanato), NCS~(isothiocyanato), NO,-(nitro), ONO- 
(nitrito) ete. = ET M 

For well-known ambidentate ligands naming is such that it provides an indi- 
cation as to the donor atom attached to the ligand. Thus when the sulphur end 
of SCN- is coordinated it is to be read as thiocyanato. When the nitrogen is the 


donor the nomenclature is isothiocyanato. Thus N-coordinated МО,“ is nitro while 


O-bonnded ONO is nitrito. 


C. Naming of mononuclear complex ions: : 

(а) If the compound is ionic, the complex cation is mentioned first. 

(b) For a cationic or neutral complex, the ligands are listed starting with 
the negative ones, then the central metal ion is named with a roman numeral in 
parenthesis stating its valence. When. several such ligands appear in the complex 


14 
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zone they are listed alphabetically. In 1970 it was suggested that the neutral ligands 
be named first and then the anionic ligands. However chemists are using both the 
1960 and 1970 rules. 

(c) For an anionic complex, the suffix -ate is attached to the name of the 
central metal ion again being followed by the appropriate roman numeral. 

(d) The number of each kind of ligand is specified using prefixes di-, tri-, 
tetra-, penta- and hexa-. When the organic ligands are polysyllabic and themselves 
contain prefixes mono-, di-, tri, etc they are written within parentheses and the 
"number of such ligands is indicated by prefixes bis, tris, fetrakis-, pentakis- and 
"hexakis-. The following examples illustrate these rules: E: 


[Со(МН,), | С Hexammine cobalt (IIT) chloride 
(РМ), С] Dichlorodiammine platinum (IT) 
Diammine dichloro platinum (П) 
K,[Al(C,0,)s] Potassium trioxalatoaluminate (III) 
[Рє(еп)(МН,) (NO )CI]SO, Chloronitrodiammine (ethylenediamine) platinum 
(IV) sulphate 
Diammine (ethylenediamine) chloro nitro platinum 
(IV) sulphate 
[Co(en);] Сј Tris (ethylenediamine) cobalt (IIT) chloride 
K,[Fe(CN),] Potassium hexacyanoferrate (П) 
[VO(acac);] Bis (acetylacetonato) oxovanadium (IV) 
"D. Bridging groups: Groups which hold two coordination centres carry a 
prefix p. A 
((C,0,),Cr v О 97 Bis (oxalato) chromiate (Ш) »-dihydroxo 
xus Noa Cr(C204)s] bis (oxalato) chromiate (IIT). 
Nae Bis (ethylenediamine) cobalt (TIT) p-imido- 
(en). Co С Co(en),]* p-hydroxo bis (ethylenediamine) 
NNI: n cobalt (Ш). 


E. Geometric isomers end optical isomers: Cis- and trans-prefixes are added 
depending on the mode of the attachment of the coordinating groups inside the 
first sphere. d- and /-ргейхеѕ are added to indicate the nature of the optical activity 
of the optical isomers, 


10.7. INNER METALLIC COMPLEXES 


Cobalt (III) shows consistently:a coordination number six. For example in 
tris (ethylenediamine) cobalt (III) chloride complex three molecules of bidentate 
ethylenediamine are required to satisfy the coordination number. The charge on 

‚ cobalt (III) is taken care of by the three chloride ions. Instead of taking the ethy- 


t 
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lenediamine if we choose the glycinate ion as a ligand we will get [Co(giy),]° in 
which both the coordination number and the charge on the cation are internally 
compensated by the ligands. Such complexes where the coordination number and 
charge of the cation are internally compensated either partially or fully by the co- 
ordinated groups are called inner metallic complexes or simply inner complexes. 
Inner complexes are sparingly soluble in aqueous medium but are sometimes 
soluble in organic solvents. Such complexes have played significant roles in devis- 
ing suitable analytical procedures for estimation and identification of metal ions 
(section 10.16). For an explanation of the insolubility of non-electrolyte complexes 
in water and of their solubility in non-aqueous solvents see page 190 and 9.2) 

In an inner complexing ligand both a neutral donor centre and an anionic 
donor centre are present suitable distance apart so as to make a 5 or 6 membered 
ring at the metal ion. When the number of such inner complexing ligands inside 
the coordination sphere of a complex satisfies. both the coordination number and 
the charge on the metal ion, the resulting complex is a non-electrolyte e.g. 


3 
eo Paes 
LAUR y 
Ge Co H—C 5с! 
йе Nc=0 
3 
Н; cH у 
(10-Ш) (10-19) 
"n 
HN „зн; | [нәм LN, 
_ дам AQ У нах uc ЕБ 
м N HN M 
NC a N 26 дај 
Cz NH нас C—NH HN=C 
нм мн: | нам BI 
(10-3) (10-0) 


[Co(gly)s], [Co(acac);] (10-11), [Cr(acac), etc. These complexes are termed 
inner metallic complexes of the first order. On the contrary, when the charge and 
the coordination number of the metal ion are not fully satisfied at the same time 
by the ligands the result is an ionic species called an inner metallic complex of the 
second order. For instance silicon (IV) has a coordination number six but a charge 
+4. Hence in [Si(acac),]Cl (10-IV), the three “асас” ligands satisfy only the co- 
ordination number but not the charge. A chloride ion in the second sphere 
is needed for charge neutralisation. Further examples аге Na[Co''(acac),], 
[B(acac),] [FeCl;] etc. Inner complex salts of the second order may also be formed 
when the coordination sphere is only partially occupied by an inner metallic 
ligand. Thus, acetylacetone reacts with sodium cobaltinitrite to provide 
Na[Co(NO,),(acac).]. A third order complex was described by Ray. Biguanide, 
NH,—C—NH-C-NH, functions as a monobasic, bidentate ligand. Recent 


|| || 
NH NH 
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structural studies have revealed that the ligand coordinates symmetrically through 
the two — NH groups. In the anhydrobases (10-V) deprotonation of the nitrogen 


NH 
МИ SE 1 
in the C C segment occurs, thus exhibiting the character of inner metallic 


|| | 
complexes of the first order. These neutral first order complexes on careful 


treatment with acids leads to soluble salts (10-VI) as a result of the protonation 
N- 


T j reed eta 
of the negative nitrogen of the C С^ segment. Conversion of a nonelec- 
Ш || 

trolyte first order complex into a cationic complex due to protonation of some 
negative centre of the ligand gives a third order complex. Thus [Cu( C4 N;H,);] 
(rose) is first. order inner metallic complex which changes to third order 
[Cu (C;N,H;);]Cl; (rose) on neutralisation with dilute HCl. 
10.8. ORGANIC SEQUESTERING AGENTS 

When ап organic coordinating ligand forms a stable water-soluble metal 
chelate, the ligand is called an organic sequestering agent and the metal ion is said 
то be sequestered (or masked). 


fous sed 2 For example, 8-hydroxyquino- 
|| 510) line (oxin H) precipitates many 
| КО О О metal ions as inner metallic 
| complexes of the first order e.g.: 
TUS Pe [ Mg (охіп),] ( 10-VII ), ГАІ 

К ^ (oxin)] etc. The metal ion is 

Q N inactivated by a strong com- 

Q plexation and due to. its inso- 

lubility. is thrown out of solu- 

$0; tion. If we use 8-hydroxy-qui- 

(10-38) (10-Й) noline-5-sulphonic acid the metal 


ions would not be precipitated 
out of solution but would remain in solution, still in an inactivated form (10-VIII). 
The sulphonic acid derivative thus acts as a sequestering agent. Of the many 
sequestering agents studied ethylenediaminetetraacetic acid anion (EDTA) is very 
effective. The complexes formed by this polydentate ligand are extremely stable to 
dissociation and are also quite soluble. Many otherwise non-specific organic 
precipitation reactions have been rendered highly specific in the presence of EDTA 
as a masking or sequestering agent. An elaborate account of EDTA as a complexo- 
metric titrant appears in section 1.16.2. E 


10.9. TYPES OF ISOMERISM ; 

-Two or more chemical compounds with same empirical composition but with 
different properties are called isomers. ‘Isos’ means ‘the same’ and ‘meros’ means 
‘the parts’. Isomers have the same number of same kind of atoms but these are 
bonded indifferent manner. The phenomenon that gives rise to isomers is called 
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isomerism. Isomerism in carbon compounds is restricted mainly to structural 
isomerism (ortho-, meta- and para-substituted compounds), geometrical isomerism 
(e.g. maleic and fumaric acids), optical isomerism (d- and [tartaric acids) and 
conformation/rotational isomerism (chair and boat forms of cyclohexane and its 
derivatives). In the area of coordination complexes isomerism arises out of varied 
chemical linkages and complexity in stereochemical relationships, and are more 
diverse than isomerism in organic compounds. 


10.9.1. Xonisation Isomerism: lonisation isomers are produced by an inter- 
change of position of coordinating ions (ligands) inside the complex zone and 
anions outside the complex zone. They yield therefore different ions in solution. 
Examples are: 

[Co(NH,),Br]SO, апі ^ [Co(NH,),SO,]Br 
[Co(NH),Cl,JNO, and [Co€NH;),CI(NO;)]Cl 
[P(NH;,Ch]Br, and —_[Pt(NH,),Br2}Cls 
Tonisation isomers are readily detected by quick detérmination of conductance 
in solution, and by chemical tests. 

Thus bromopentammine cobalt (ТП) sulphate will react with barium chloride 
to precipitate immediately barium sulphate but will not immediately precipitate 
silver bromide with silver nitrate. The conductance will be close to that of a bi- 
bivalent compound. On the other hand, sulphato pentammine cobalt (HII) bromide 
provides no immediate precipitate of barium sulphate on the addition of barium, 
chloride. Besides, the complex ion will behave as a uni-univalent ion. Whereas 
in [Co(NH,);Br]SO, bromide ion is а ligand, in [Co(NH,),SO,] Br it is not. 


10.9.2. Hydrate Isomerism : This isomerism arises out of different disposition 
of aqua molecules inside and outside the first sphere of attraction. Unfortunately 
the exemples that have so far appeared in texts are not happy ones and can be 
considered merely as further examples of ionisation isomers only. The examples 
cited are those of chromium (Ш) chloride hydrates. The three hydrates are: 
(1) violet [Cr(H;O),]Cly which does not lose water over conc. H,SO, and the 
entire chloride is precipitated by silver ion; (2) green [Cr(H,O);CI]Cl,.H;O loses 
one H,O over conc. H;SO, and two chloride ions are readily precipitated as AgCI. 
(3) [Cr(H,O),Cl;] CL2H;0, also green, loses two Н.О over conc. H;SO, and 
only one chloride gets immediately precipitated by silver nitrate. (1), (2) and (3) 
behave (on immediate conductance measurements) as tri-uni, bi-uni and uni- 
univalent electrolytes. Further examples covering both ionisation and hydrate 
isomerism are: т 
[Сх (еп) (Н.О) :]Вгз and [Cr(en)(H,O)Br]Brs.H,O 
[Co(NH3)4(H;O)CI]CIs and [Co(NH;),CLljCI.H;O : 
А better example of hydrate isomerism is found ia cream and olive green coloured ` 
varieties of bis (quinaldinato) oxovanadium (IV): 


“ 


у09,н,0]  [VOQJH,O [ОН = quinaldinic = [0] O | 
olive green cream — - acid INSANE —COOH] 
j N 
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Thermal decomposition curves indicated that the olive-green variety lost th 
coordinated water around 170—180°C whereas the cream coloured isomer los 
the water below 100°C. The cream coloured variety was obtained by the reactioi 
of VOSO, and QH in water, and the olive green variety in methanol. r 

10.9.3. Coordination Isomerism : Such isomeric forms are exhibited when both 
the cation and the anion of a salt are complexes and there occurs a redistributio 
of the ligands between the two coordination zones: 


[Co[NH;),] [Cr(ox)]] and [Cr(NH;);] [Co(ox)s] 
[Co(NH;),] [Cr(CN),] and [Cr(NH3)j] [Co(CN),] 
[Cu(NH,)] [PtCl] and [Pt(NH,),] [CuCl] 


The same metal ion may also function as a central unit in both cation and anion 
eg: [Cr(NH3);] [Cr(SCN),] and [Cr(NH;)(SCN);] [Cr(NH;);(SCN),]. 


10.9.4. Ligand Isomerism: 7f two ligands are isomeric to each other their com- 
plexes with similar composition necessarily become isomeric. Thus trimethylene- 
diamine (tn) and propylenediamine (рп) form isomeric complexes, [Co(pn),Cl,]Cl 
and [Co(tn),Cl,]Cl. Picolinic acid (pyridine a-carboxylic acid, PicH) and nicotinic” 
acid (pyridine 8-carboxylic acid, NicH) form, for example, isomeric inner metallic | 
complexes with bivalent silver [Ag(Pic);] and [Ag(Nic) ]. 


10.9.5, Linkage Isomerism : Some coordinating groups possess two different 
donor atoms. Linkage isomerism arises out of two modes of attachment of the - 
ligand to the central metal ion through two different donor atoms. Thus NO.~ 
group may link via nitrogen (nitroisomer) or via oxygen (nitrito), c.g: yellow 
brown nitropentammine cobalt (III) chloride [Co(NH3);(NO;)]Cl, and the red 
nitrito pentammine cobalt (III) chloride [Co(NH3)(ONO)]Cl,. Two isomeric 


forms involving the thiocyanate: ion are also known: [Pd(dipy(SCN);] and 
[Pd(dipy(NCS);]. 


K,[Pd(SCN),] + dipy ——» [Pd(dipySCN),] + 2KSCN 


orange yellow 
| solid heated to 150°C 


25°С t 
K,[Pd(SCN),] + dipy ———- [Pd(dipy(NCS);] + 2KSCN 
light yellow ә 
Besides NO,- and SCN- groups there аге other ligands which are capable 
of playing double role, such as CN-; S,0,?-, (NH;);CO, (CH;),SO. However, 
actual isomeric compounds have not yet been fully established with any of these 


ligands. Thiosulphatopentammine cobalt (III) salts obtained by Ray as purple 
crystals by air oxidation of cobalt (II) salts, thiosulphate and ammonia is now 
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believed to be а mixture of 90% [HN),CO—O —$.0;] * and 10% [(H;N);Co— S — 
SO,]* as evidenced from infrared studies (also see section 19.5.3). s 

The less stable of a pair of linkage isomers often reverts to the more stable 
form. The less stable form is likely to exist at low temperature and with those 
metal ions which are known to form kinetically inert complexes (Co**, Pt?+, Ра? +). 

The above mentioned ligands with two possible sites for attachment to the 
metal ion are called ambident (or ambidentate) ligands. 

It may be mentioned that the older naming of this isomerism as salt isomerism 
has now been replaced by the appropriate linkage isomerism. 


10.9.6. Stereoisomerism: This is a form of isomerism in which two complexes 
of identical first sphere composition differ in the relative positions of the coordinat- 
ing groups. Such isomers are also termed geometrical isomers, for these isomers 
give rise to different arrangements of coordinating groups within the same overall 
geometry of the complex zone. Some (not all) of the geometrical isomers may 
develop optical activity due to distinct mirror image forms. Thus optical isomers 
may be isolated from a particular geometrical isomer which is capable of existing 
in non-superimposable mirror-image forms. 

Geometrical Isomerism: Of the three important and rather common stereo- 
chemistries (tetrahedral, planar and octahedral) geometrical isomerism cannot 
arise in a tetrahedral structure, because in a tetrahedron each ligand is equidistant 
rom the other three and all bond angles are the same (109°). But in square planar 
and octahedral complexes abundant examples are known. 

In square planar MA,B, type complexes the following geometrical isomers 
are cbserved: a cis-planar structure obtains when the two A groups or the two 
B groups occupy near neighbour positions, and a trans-planar geometry when they 


AX ЈАЈА А В. АТА) В 
M i M M M 


Е апі : 
BY ^B: B/ NB AT Ng: BY ^A 
io cis-planar trans-planar : 
Superimposable mirror image; mirror image superimposable after 
no optical activity, rotation; no optical activity 


occupy the distant most positions. [РМН))„СЉ] exists in two isomeric forms.Com- 
plexes of the type MA;BC can also exist in two geometrical isomers. It is not possi- 
ble to obtain optical isomers of a square planar complex with monodentate ligands, 
whatever the composition is: MA;B;; MA,B. However optical activity may be 
induced in square planar geometry with two monodentate ligands and one bidentate 
ligand having an asymmetric centre. Ina very special case optical activity has been 
developed as a result of coordination. Thus in the complex dinitro(N-methyl 
N-ethyl glycinato) platinate (ID, the ammine nitrogen is rendered asymmetric 
through coordination to the metal ion. The nitrogen is linked to four different 
groups: the methyl, the ethyl, the —CH, group and the platinum (П). 
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In octahedral stereochemistry interesting cases of geometrical isomerism 
occur. When one of the A groups of [MA,] is replaced by a B group giving [MA;B] : 
no geometrical isomerism can occur. This is because whichever position of the 
octahedron is occupied by B it will be at 90° from four M—A groups and at 180° 
from the fifth M—A group. When a further replacement is made leading 
to [MA,B,] there occur two geometrical isomers, one cis and the other trans eg: 
[Co(NH,),Cl,] Cl. (10-LX and 10-X). 


NH, + с! 
NH3 с! | |NH NP 
Od Co 
NH; ci | M Мну 
Сі 
МОЕТ NH3 GREEN 
(10—X) (0-X) 


Cis-dichloro tetrammine — Trans-dichloro tetrammine 
cobalt (III) (Violet) cobalt (III) (Green) 


A very large number of complexes of this type are known eg: cis|Co(NH4),(NO,);] 
X (yellow-brown) and trans [Co(NH3)(NO;),] X (yellow); cis [Co(en);Cl;]Cl 
(purple) and trans [Co(en;Cl;]Cl (green); cis [Cr(en),(NCS).]NCS (orange red) 
and trans [Cr(en)(NCS);]NCS (yellow orange). Complexes of the type [МАВ] 
({Co(NH,);(NO3)s], [Co(NH,—CH,—CO0),)] are also capable of exhibiting two 
geometrical isomers, although the structures of such isomers have not yet been 
fully established. 

_ Determination of configuration of geometrical isomers: With the present state 
of knowledge about complexes, there are in fact several techniques by which 
configuration of geometrical isomers can be determined. The simplest technique 
is to study the action of bidentate chelating ligands on the geometrical isomers, 

: where isomerism is due to different disposition of two monodentate groups. Biden- 
tate ligands are capable of enforcing a 5-membered or a 6-membered ring at the 
metal ions, and with this ring size it is possible only to span two nearest positions 
around the metal ion. Examination of models shows that usual bidentate chelat- 
ing ligands cannot span the furthest points, that is, trans psotions. Hence suitable - 
substitution reactions by chelating ligands on geometrical isomers with mono- 
dentate groups will throw some light on the cis-trans configuration of the complex. | 
Provided that no change in configuration takes place during substitution reactions, 
that isomer which reacts with a chelating ligand or which is formed by the dis- 
placement of a chelating ligand must belong to the cis series. Such reactions have 
often been tried for geometrical isomers in both octahedral and square planar 

* stereochemistry. A typical example is given in Chart 10-II below. The determination 

of the cis configuration involves the reaction of a binculear complex with concen- 
trated hydrochloric acid to give one mole of the dichloro complex and one mole 
of the diaquo complex. Provided that no change in configuration has occurred 
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during the displacement of the chelating carbonato group or the p-dihydroxo 
compound, the two chloro groups and the two aquo groups must be occupying 
adjacent positions and hence must be cis complexes. Note also that treatment 
of the carbonato complex with HCI instead of with H,SO, leads to a change in 
configuration. >. 


dil HCI 
— — [Co(NH3),CO;] *————  —— [Co(NH;)(H;O)CII** 
di. | H,so, @ conc. | HSO,- HCl 
[Co(NH3)(H;O);]* * [Co(NH3),Cl;] * 
aq. | NH,OH green 
[Co(NH;)(H,OY(OB)]** TRANS Series 
heat | 100°C 


НСІ (alcohol) 


Н: ә 
И Oa 


conc. | HCI (—12°С) 
——.[Co(NH,),Cl;] tae [Co(N Нин. 20), + 
и Ригрје Ригрје 
CIS Series 
Chart 10-11. Substitution reactions elucidating configurations of geometrical isomers. 


Certain other methods may just be hinted at..A cis complex has a higher 
dipole moment than the symmetrical trans complex. А cis complex has а higher 
molar extinction coefficient (absorption) than the corresponding trans complex 
and sometimes the two isomers may differ significantly in their absorption spectra. 
Cis and trans derivatives have sometimes been characterised through different 
vibrational properties of the attached coordinating groups. A common obligatory 
technique, however, is to attempt to resolve the cis complex intd the two possible 
optically active isomers. у 

Determination of cis-trans configuration of platinum (ID) complexes: Based 
on the assumption that а four membered or a five membered chelating ligand 
can oniy span cis positions substitution reactions by bidentate oxalate or glycine 
ligand on monodentate ligands gives a mono (oxalato) or a mono (glycinato) 
complex in the case of a cis-complex while for the trans-complex two glycinateor 
two oxalate ions are found inside the coordination sphere functioning as a mono- 


dentate ligand : 


HN 1 HN 0—C-0 
Nipt 4H,NCcHcooH—| ' Me | сї 
H,N/ NNH,—CH, 


HNŽ Ма 
сїз 
HN 1 
ам 4 2H,NCH,COOH— 
си NNH, 


trans HN NH,.CH,. 
NA J NEC „соон ] o, 
HOOC.CH,NH,/ “мн, 
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Kurnakov observed that the above cis and trans varieties react with thiourea 
(tu) to give [Pt(tu),]Cl, and trans [Pt(tu),(NH;);]Cl, respectively. In the case of 
the cis complex first the two thiourea ligands substitute the two cis chlorine and 
then they labilise the two trans positions because of their very high trans labilising 
effect resulting in total substitution of the coordinated groups. Such total substi- 
tution is not possible with the trans derivative. Dipole moment measurements 
have also helped in establishing the cis-trans (square planar) geometry of the 
two forms of [(RgP),PtCl,] and [(R;As)PtCl;]. One of the forms showed zero 
dipole moment while the other had about 10 Debye. The zero dipole moment is 
possible if each pair of Pt—Cl, Pt—P or Pt—-As is collinear- which again is possible 
if the complex has trans planar configuration. The tertiary phosphine and the 
tertiary arsine groups were chosen because these have one lone pair and hence 
the resultant moment will be along the direction of the coordinate link. Finally 
X-ray crystal structures have unequivocally established the planar geometry 
in both cis and trans [Pt(NH;),Cl,]. 

Optical Isomerism: When two isomers are so related that the arrangement 
of donor groups around the central atom in one is the mirror image of the other 
and further that one is not superimposable on the other, then the isomers develop 
optical activity, and are known as optical isomers. Optical isomers are related 
in the same way as the left hand is to the right. An optically active substance 
can rotate the plane of polarised light transmitted through it. When the plane 
of the light is rotated to the right the substance is called dextrorotatory (d form) 
and when rotated to the left it is levorotatory (/ form). On the contrary, if the 
polarised light: remains unaffected, the compound is inactive orracemic. Aracemic 
substance is composed of 50% d-and 50% /-form. 


y 


x 
5% 
Си Сс к 


| с! 
à b» ae 


INACTIVE TRANS OPTICALLY ACTIVE CIS ISOMERS (d and |) 
(10-XI) У (10-1) 


Optical isomers arise in complexes of the type [М(АА),В,] due to the exis- 
tence. of geometrical isomers. The cis variety can exist in two distinct mirror 
image forms which are not superimposable (not obtainable by mere rotation of 
one form). On the contrary, the trans form being symmetrical provides only 
superimposable mirror images, that is, only one distinct form (cf. 10-XI and 
10-XII). Optical isomers occur also with tris (bidentate chelate) complexes eg: in 
[Co(en),]** (10-XIII), [Co(ox)3]?-, [Co(8igH);]?*, [Ni(dipy),]?* etc. In the given 
structures ‘en’ stands for the bidentate neutral ligand ethylenediamine. 

Under normal conditions of synthesis, a potentially optically active complex 
consists of a racemic mixture i.e. equal amounts of dextro- and levorotatory forms. 
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3+ : 
en 


OPTICAL ISOMERS OF 
(10-ХШ) 


„Тһе commonest method of separating of racemic complex into the d- and l- 
isomers involves preparing salts of the complex ion with optically active cations 
or anions, thus forming diastereoisomeric salts: 


dM dM ІА + IM IA 


+ + ТА — wy 
IM pair of diastereoisomers 


Diastereoisomerism occurs due to the presence of two sources of dissymmetry 
in a molecule. Diastereoisomers are usually optically active but are not mirror 
images of each other. They are a pair containing two optically active centres of 
which one is common to both while the other two are non-superimposable mirror 
images of each other. dM and /М are the dextrorotatory and levorotatory forms of 
the optically active cation M. /A is an optically active anion. Their combination 
gives a pair of salts, which do not have the same optically active partners in their 
cations and anions. Hence the diastereoisomeric salts differ appreciably in their 
physical properties, particularly in solubility because of the differences in inter- 
action between thé cation and the anion. Fractional crystallisation, commonly from 
aqueous medium, leads to а separation of the two diastereoisomers. The pure 
diastereoisomers are separately treated with suitable non-optically active salts to 
recover the d- and /- forms of the complex as salts of non-optically active cations or 


anions, that is, as enantiomers. Enantiomers are stereoisomers with non-superim- 
posable mirror images. 


АМАН ee ДЫ T HIRIA: 
1 
IM Есе M IE KIA 


Thus [Co(en)]?* when reacted with d-tartrate ion provides the two diastereo- 
isomeric salts, d-[Co(en),]Cl. d-tart and L-[Co(en)]Cl. d-tart. Fractional crys- 
tallisation leads to the separation of d-[Co(en),]Cl. d-tart as the less soluble frac- 
tion and the /-[Co(en);]Cl. d-tart as the more soluble one. Treatment of the two 
salts with excess ammonium sulphate results in the isolation of pure d-[Co(en);] 
(SO,)1-5 and I-[Co(en);](SO;),.5: Treatment with barium chloride gives the chloride 
salts of the optically active cations. The technique of separation of a racemic sub- 
stance into the two optically active enantiomers is called reslution, Resolution 
of anionic complexes is carried out via formation of diastereoisomeric salts with 
optically active bases like strychnine and cinchonine. Once again it is expected 
that strychnine or /-cinchonine salts of the optically active complex anion will 
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differ in their solubilities, Thus a separation of the two diastereoisomers is possible. 
The separated diastereoisomers are then treated with some suitable salts (say КІ) 
when the potassium salts of the dextro and the levo forms of the optically active 
enantiomers will be obtained. 

Other less common and less used methods include induced crystallisation, 
Thus Werner seéded a solution of recemic [Co(en)(C4O,)] * with a few crystals 
of d-[Co(en).(C,0,)] * when the dextro isomer started crystallising. Besides, elec- 
trophoresis sometimes helps in the segregation of one of the two ionic enantiomers 
towards one of the two electrodes. It is interesting to note that optically active 
complex cations and’anions themselves have also been used as resolving agents. 
Thus d [Co(en);]** has been utilised in resolving K[Co(EDTA)}. It is obvious that 
resolution of non-electrolytic complexes such as [Co(gly),] cannot be effected 
via diastereoisomeric method. Glycinate ligand is NHz—CH,—COO-. It is thus 
a bidentate NO donor. The structure of tris (glycinato) cobalt (III) admits of 
two varieties: (а) cis: where the three N atoms as also the three О atoms are rela- 
tively cis (b) trans: where two of the three N atoms as also two of the three О 
atoms are relatively trans. Since the complex is a tris (bidentate) type both the 
cis and the trans forms are resolvable. Resolution of such complexes is effected by 
adsorption of the isomers to different degrees on cellulose, lactose or starch column 
followed by elution with suitable eluting agents. Resolution is only possible when 
the isomers are kinetically stable and do not rearrange rapidiy. 

Stereoisomerism in Tetrahedral Complexes: Examination of models shows 
that а tetrahedral metal complex, as is true of tetrahedrai carbon, can exhibit 
stereoisomerism only when all the groups attached to the metal ion are different 
eg: in [Mabed]. Such a complex cap exist in two optically active isomeric forms 
although none has been prepared yet. Where stereoisomerism is possible in tetra- 
hedral complexes it must be in the form of optical isomerism and not as geometrical 
isomerism. Note that the two mirror images of Mabcd cannot be obtained by 
mere rotation of one form or the other around some suitable clement of symmetry. 
(Fig. 10.2a). The reader should also convince himself that for [Mabe] type com- 
plexes the mirror images are obtainable by suitable rotations and hence such 
mirror images are superimposable and do not possess distinct identity: 


(a) 


Ба. 10.2. Optical isomers in tetrahedra! complexes 


I 


Asymmetry ard consequently optical activity may be introduced in tetra- 
hedral' structures by sufficiently unsymmetrical chelating ligands. Bis (salicy- 
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ladehydato) boron (1) (Fig. 10.2b), and bis (benzolypyruvato) beryllium (10) 
have been resolved into optical isomers, thus proving that the complexes possess 
tetrahedral rather than square planar structure. Latter stereochemistry would 
not admit of distinct, non-superimposable mirror images. 


10.9.7. Conformation (Polytopal) isomerism: Unique pairs of conformation 
isomers have been isolated for certain nickel (II) complexes eg: the green and 
brown forms of [Ni(PEtPh;),Br,] which are interconvertible. The green form is 


tetrahedral while the brown form is planar. Since these isomers differ only in the 
L-M-L angle, the name allogons (‘alios’ meaning ‘different’ and ‘gonia’ meaning 


РЕР, PEtPh; 
EN Н 
i -78(cs 
ni<—PEtPh, BEL у E 
~ 
Br 
DARK GREEN. PARAMAGNETIC PEtPh; 
(10-XIV) 


DARK BROWN, DIAMAGNETIC 
(10-XV) 


*angle) has been proposed for such isomers. Conformation isomers have the 
same coordination number but different stereochemistries. Interconversion of 
two isomers via an intramolecular pathway needs some flattening motion of the 
tetrahedron to arrive at the square planar geometry as shown below (Fig. 10.3): 


| шй E] 
| pad A 
wp xe e 


Fic. 10.3, Flattening motion of a tetrahedron 


10.9.8. Spin. State Isomerism: Crystal field theory predicts that for md gu 
4% and d? ions alone in octahedral geometry there may arise spin state equilibrium 
between isomeric high-spin and low-spin octahedral forms provided the ligand 
has a crystal field strength close to the respective cross-over region (see section 
10.11.2 and Fig: 10.8). For d* nickel (ID, however, maximum cases of spin state 
isomerism have been identified. In these cases the different spin states, arise due 
to varying degree of tetragonal distortion (near octahedral and near square planar) 
in a mixed ligand complex of the type Nia;bs(e.g. а = NN'diethylthiourea and b = 
CI-) or Ni(N—N-—N-—N)X..H;O (N—N—N-N being a macrocyclic ligand with 
four nitrogen donors in the equatorial plane and X being Cl- оғ Br-): Magnetic 
moments in such-cases lie somewhere in between the high-spin octahedral 
(= "30-33 B.M) value and the low-spin square planar value (p. = 0). Tempera- 
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ture variation will shift the equilibrium this way or that way depending on which 
spin form makes up the ground state. The conformation isomer cited in 10.9.7 
may also be considered as an example of spin state isomers. 


10.10. VERFICATION OF OCTAHEDRAL STEREOCHEMISTRY 


А very extensive study of the geometrical and optical isomers of complexes 
with coordination number six revealed that octahedral geometry is the preferred 
stereochemistry. In order to dispel the claim of two other geometries capable 
of admitting six groups, namely a hexagon and а trigonal prism, Werner worked 
out the number of geometrical isomers that each of these geometries admitted 
for a particular complex and then compared with the number of experimentally 
isolated isomers. A single form is predicted by each model for complexes [MA,] 
and [MA,B]. But for complexes [MA,B;] both the hexagon and the trigonal prism 
predict three isomers, namely (1, 2), (1, 3) and (1, 4) but the octahedron predicts 
only two (1, 2) and (1, 6) (Fig. 10.4). Experimentally no more than two geometrical 
isomers have been isolated for metal complexes of the type [MA,B,]. Similarly 
for [MA;B,] complexes the octahedral model predicts two geometric isomers 
and experiments corroborate this number. 


1 


1 1 5 
6 2 v 


| 
E 2 
e 
5 3 4 6 | 4 3 
9 6 
PLANE HEXAGONAL | TRIGONAL PRISMATIC OCTAHEDRAL 
MAsB ONE ONE ONE 
МА4В2 THREE THREE _ TWO 
(121,3; 1,4) (1,2;1,3;1,4) (1,2; 1,6) 
МАзВз THREE THREE TWO 


(1,2,3;1,2,4;1,3,5) | (12,3;1,2,5;1,2,6) (1,2,3; 1,2,6) 


Ета. 10.4. Possible geometrica! isomers with three models. 
, Furthermore the octahedral model alone correctly predicted the optical activity 
in complexes. For example the hexagon and the trigonal prism would predict 
no optical isomers of a complex [М(АА),] (AA = bidentate ligand) but the octa- 
hedron requires the existence of two distinct mirror-image forms. A large number 
of complexes of this type have actually been resolved into optically active enantio- 
mers. Werner therefore concluded that the preferred geometry of six-coordinate 
complexes is the octabedron. The octahedral stereochemistry has since been 


N 
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confirmed by crystal structure determination of numerous six-coordinate 
complexes. 

To prove that the optical activity in’ coordination complexes did not arise 

out of the carbon atoms present in the organic ligands, Werner successfully syn- 

+ 


thesised a purelyinorganiccomplex [Co(AA);]**,| where AA is (NH,)CoC 
OH, 


and resolved this complex into two optical isomers. The complex was obtained 
by the action of ammonia on the chloroaquotetrammine cobalt (HI) salts. A 


C, [9] 
‘so, NH gf. М, fi Хе 
(Ы) 
(10-0) ^ to-xyi) 


second purely inorganic optically active complex was synthesised by Mann by 
reacting a rhodium (III) salt with sulphamide SO,(NH;).. The complex isolated 
as a sodium salt has the formula Na[Rh(NH—SO,—NH).(H,0),]. The sulpha- 
mide anion in the complex functions as a 
dibasic, bidentate ligand. The complex was 
resolved into optical isomers indicating the 
cis structure (10-XVI). 

, Recently trigonal prismatic coordina- 
tion has been established in metal tris 
(dithienes) [M(S;C;R5),] (M = V, Cr, Mo, 
W, Re). These compounds are rather 
unorthodox and the ligands have neither 
the structures of neutral dithiodiketones 
(10-XVIIa) nor of dithiolato dianions (10- 
XVIIb) Orthodox definition of metal 
oxidation state cannot be offered for such complexes. However structural deter- 
minations have been made and the idealised structure of a trigonal prismatic 
dithiene complex (10-ХУШ) has been established. 


10.11. THE NATURE OF THE COORDINATE LINKAGE 


There are three major approaches to the study of the nature of the coordinate 
linkage: (1) Valence Bond Theory (2) Crystal Field Theory (3) Molecular Orbital 
Theory. Of these valence bond (VB) theory propounded by Pauling is the oldest 
and is based on the conception of hybridisation of suitable orbitals of the metal 
ion. The VB theory has served inorganic chemists very well during two decades 
1930-1950, and had provided a useful understanding of the valence and structure 
of coordination complexes. After 1950 the quantitative inadequacy of the theory 
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was gradually realised and crystal field theory ‘gained ground. Crystal field theory 
assumes the ligands as dipoles or ions and examine the effect that these dipoles 
or ions force on the ordering of the d-orbitals of the transition metal ions. Mole- 
cular orbital (MO) theory largely considers that there is a good overlap of the 
orbitals of the ligands and the metal ions so that the bonding turns out to be large- 
ly covalent. Below we present à discussion on the first two theories: 


10.11.1. Valence Bond Theory: The formation of a complex between a given 
metal ion and certain ligands is assumed to follow the course enunciated below: 

(a) The metal M first loses requisite number of electrons to form the ion, 
the number of electrons thus lost being the valence of the resulting cation. 

(b) The metal ion will make available a number of orbitals, equal to its co- 
ordination number, for the formation of covalent bonds with the ligands. Since 
metal complexes attain certain definite stereochemistry, metal ion orbitals must 
be so disposed that they point to such stereochemical directions. Metal ion orbitals 
(s, p or d) cannot generate on their own such stereochemistries as tetrahedral, 
octahedral, square pyramidal and so on. Pauling therefore invoked the hybridisa- 
tion of suitable pure metal ion orbitals so that the desired stereochemistry is 
attained. The types of hybridisation occurring in the first row transition metal 
compounds are the following: 


As 4p? (sp?) : 4 coordinate, tetrahedral 

3d, у* 4s Ap? 2135р?) : 4 coordinate, square planar 

за А у 4p? (dsp?) : 5 coordinate, trigonal bipyramidal 
ad?2[ 3. ys Asp (d*sp*) : 5 coordinate, square pyramidal 

As 4p*4d2,2/24_y"(sp°d*) : 6 coordinate, octahedral (outer orbital) 
34523. у 4s4p*(d*sp*) : 6 coordinate, octahedral (inner orbital) 


(c) The hybridised orbitals are so directed as to facilitate their occupation 
by electron pairs coming from the donor ligands. Effectively there occurs an 
overlap of a filled ligand orbital and an empty hybrid orbital of the metal ion. 
(M-L). 

(d) The non-bonding electrons of the metal ion are then reorganised to occupy 
the remaining metal orbitals (pure d, s or p as the case may be). The regrouping 
of electrons is achieved obeying Hund’s rule, that is, with maximum possible 
unpaired spins. 

(e) In addition to the o-bond a 7-bond may be formed by overlap of a filled, 
suitable metal d-orbital with a vacant ligand orbital: M ~ L. Such double bonding 
usually occurs in complexes of metal ions in low oxidation states. 

A given stereochemistry involves a particular hybridisation utilising certain 
dorbitals. The orbitals available for non-bonding electrons are therefore the 
dictates of the stereochemistry. Again the number of d-orbital electrons remaining 
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indicates the valence of the central ion. These points are illustrated in Chart 10-111 
below with respect to iron (Ш). 


Chart 10-III. Valence Bond Theory as applied to iron (1). (| or { ) represents 
the spin ofa non-bonding electron, X denotes a bonding ligand clectron 
and л, number of unpaired clectrons. 


Electrons in an incompletely filled shell give rise to a resultant spin angular 
momentum. The orbital 'moment is considered largely quenched by the surround- 
ing ligands. Thus ignoring orbital contributions, the magnetic moment of a com- 
plex will depend on the actual number of unpaired electrons (Table 10.3). 


N 
‘Table 10.3. Magnetic Moments of Complexes-of First Transition Series 

Configu- Example Stereochemistry Hybridisa- Unpaired В.М.) "n 

ration tion electrons spin only Exptl. 

Viet Ы wate ы eae aa E Tid SUUM ЫНАГЫ 

а K,[TiF6] Octahedral d*sp? 1 1.73 1.70 

[VO(acac); Square pyramidal — d'sp* RAET 1.70 

ulus ARAL ДД Ја са ДА LLL ETT RAER VER 

d? | NH,WSO,. Octahedral d?sp* NAS AD rA) 

12H,O 

J e ры ы pues mas, 

d3 [Cr(NH3);]Brs Octahedral зар 3 3.88 3.77 

d* [Cr(H;O),] S0, Octahedral spd? 4 490 4.80 

d* _ NajFeF,] Octahedral sped’ 5 $9) S85 

K,[Fe(CN) Octahedral d?sp* 1 1.73 2,25 

"ORE MAA а шс ee ee TT asa 

4% (Co(NHs);]Cls Octahedral d*sp3 0 0 0 

[Et NJ, ПРЕС] Tetrahedral sp? 4 490 5,40 

d! | C€s[CoCl] Tetrahedral sp? 3 388 4.60 

K,Ba[Co(NOs)s] Octahedral d?sp* 1 1.73 1.88 

SIUE Ri EM и о Бадра Лу дыл деш АШ 

d$ [Ni[NH3)g]Cls Octahedral зрза“ 2.728 3.32 

[Ni(BigH);]Cl. Square planar dsp? 0 0 0 

45 [Cu(BigH),]Cl, Square planar dsp? L0 128: 029. 


15 
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In practice the magnetic susceptibility of a complex is determined whence 
the magnetic moment and the number of unpaired electrons are deduced (Chapter 
11). The number of unpaired electrons is then checked with the number of un- 
paired ‘electrons permitted by the different stereochemistries. Table 10.4 shows 
that although the correspondence between the number of unpaired electrons 
and the stereochemistry, bond type and valence is not always unambiguous, 
a knowledge of the magnetic moment alongwith other chemical evidences may 
turn out to be of great practical value in understanding the nature of the complex. 


Table 10.4. Values of л (Unpaired Electrons) for different Stereochemistries and 


Configurations 
Number of d electrons ГУ 8 9 
Octahedral, outer orbital sp*d* ШАРЛА 337 ван t4, 3:3 E 1 
Octahedral, inner orbital disp’ [ US NS NNI 1 
Tetrahedral, sp” PODS. / = 4 32 1 
Square planar dsp? Г а Ry as A Ae e$ 


аи == 


Deficiencies of Valence Bond Theory : 

1. For outer orbital octahedral spd? and tetrahdral 5р? the same number of 
unpaired electrons are indicated, so that magnetic moment would not distinguish 
between the two stereochemistries. 

2. For 47, d? and d? configurations inner orbital octahedral complexes requirc 
promotion of non-bonding electrons to some higher orbitals (presumably to 55). 
Such promotions would make the electrons vulnerable to oxidation. This mecha- 
nism can explain the easy oxidation of cobalt (Ш) complexes to cobalt (III) com- 
plexes but the same token would predict copper (Ш) complexes to be as much 
abundant as those of cobalt (III). Experiments show that copper (III) complexes 
are hard to synthesise and are very scarce. 

3. Although most of the first transition series complexes respond to spin 
only values for their magnetic moments, certain other ions, for example, nickel (11) 
and cobalt (ID in tetrahedral and octahedral geometries provide magnetic moments 
substantially higher than the spin only values (Table 10.3). The enhanced values 
are not explained by the VB theory. 

4. It is now firmly established that both the colour and the magnetic moments 
of transition metal complexes are due to their possessing d-orbital electrons. There- 
fore there must be a quantitative connection between spectra and magnetic moment. 
Unfortunately this connection is not revealed by the VB theory. 


10.11.2. Crystal Field Theory : А metal ion in a complex is surrounded by 
coordinating ligand anions or negative ends of dipolar molecules. An electric field 
is produced at the metal ion by the surrounding ligand anions or the dipolar 
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molecules. Such electrostatic field will exert some effect on the electrons of the 
metal ion. This electrostatic approach towards the interaction between а тега 
ion and the ligands is known as crystal field theory because it was originally dis- 
cussed for ions in a crystal lattice (effect of chloride ions on K* in KCI lattice). 
It is important to record that the crystal field theory considers the ligand atoms as 
point charges or point dipotes, and does not consider any overlap between ligand’ 
orbitals and metal ion orbitals. Crystal field theory examines the energetics of the 
d-orbitals, in particular, in given geometries. 

Placement of the donor -atoms at different stereochemical positions will 
perturb the d-orbitals of the metal ions to different extent. Several stereochemistries 
are now chosen for discussion. L 

Octahedral Complexes: We recall that there exists z 
only one s orbital (with a given л) which is spheri- 
cally symmetrical. Therefore on applying a field of 
six negative charges located at octahedral points the xt 
energy of (ће 5 orbital will be raised compared to 
the field free situation. The three p orbitals have their L 
lobes concentrated on either side of the nucleus along 
x (pz), (py) and z(pz) axes. Each of these р orbitals L 
faces directly two ligands along the coordinate axes Fig. 10.5. The three p or- 
and since all the three p orbitals are also themselves bitals in an octaliedral 
degenerate, all p orbitals will be raised in their energy surrounding of six 
but there will be no separation (splitting) among the p ш i 
orbitals themselves (Fig. 10.5). It is important to note that instead of an octahedron 
if we take a square plane the pz. and py orbitals will face the four ligands but the 
pzorbital will face none. Hence in a square planar environment there will occur a 
splitting of p orbitals into two sets, higher one having pz and py and the lower 
one having the pz orbital. 

The five d-orbitals are degenerate in a field-free ion. The five d-orbitals are 
not all alike. The three orbitals dzy, dzz, dy; have their four lobes concentrated 
in between the coordinate axes: for example dzy orbital has its four lobes between 
the x and y axes. The d;*_,? orbital has its lobes along the x and the y axes. The 
d orbital has two lobes along the z-axis and а concentric lobe all around the 
nucleus in the xy plane. When such a set of five d-orbitals is subjected to an 
octahedral crystal field the d-orbitals can no longer remain degenerate. Their 
overall energy is raised from that in the absence of any field, and they undergo 
splitting. Since the @5_,% and the d,* orbitals are face to face with the six ligands 
they are now raised in energy whereas the dry, dzz, dyz orbitals are lowered in 
energy. The splitting is so adjusted that the centre of gravity (baricentre) of the five 
degenerate d-orbitals in a uniformly smeared out field of six negative charges is 
maintained (Fig. 10.6). The difference in energy of the orbitals dry, dzz, dyz (tog set) 
and the dz*_y?, dz? orbitals (eg set) is given as symbol A or 10 Dg, this difference 
being a measure of the strength of the crystal field operating on the metal ion. 
A or 10 Dg is the separation between the tz (dzy) and the eg (dz*_y*) and is known 

xas the crystal field splitting parameter ог as the crystal field strength, 


TE 
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Since the pre-splitting centre of gravity is to be maintained the eg set will go 
up by say x and the fs; set will go down by say У. If Eis the energy of each electron 
prior to splitting it follows that: 


У РА 
x 
x 


Его. 10.6. Splitting of the d-orbitals in an octahedral field. 


10Е = КЕ + х) + 6(E—y) so that 2x = 3y. 


Also since x фу = A we have x = 3 A= 6Dgand y -3 ^ = 4 Dq. Thus 
each fay electron is stablised by —4 Ра and each е, electron is destabilised by 
+ 6 Dg. 

The symbol fag indicates a triplet orbital degeneracy i.e. a three fold degeneracy 
comprising in this case the orbitals dzy, dzz, дуг. The symbcl e speaks of a two 
fold degeneracy comprising in the present case the orbitals 2,22 and 42 The 
subscript g stands for ‘gerade’ or even. In an octahedral complex the metal ion 
is at the centre of inversion, and with respect to this inversion centre the d-orbitals 
maintain the same sign of their wave function (i.e. same sign on the lobes) on 
inversion (Fig. 1.20), But a tetrahedron has no centre of inversion and hence the 
g subscripts are dropped in a tetrahedral crystal field. The subscript 2 has its 
origin in group theory apd refers to some particular symmetry operations. It may 
be noted that p orbitals change their sign on inversion in octahedral field and 
hence they are ‘ungerade’ or uneven and carry the symbol ‘w. 

The splitting of the d-orbitals has significánt consequences on the colour 
and magnetic properties of transition metal complexes. The d-orbital electrons 
in a crystal field will now have а choice of either going to the tag or to the eg set. 
There will be two opposing forces in this regard. The crystal field splitting ^ 
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Fie, 10.7. The 4", d?, 2°, d°, d° and d'? configurations in octahedral field. 
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(10 Dg) will tend to force as many electrons into the more stable tpg set whereas 
the electron pairing energy (energy required to cause pairing of two electrons in 
the same orbital), P, will counter any move to induce spin pairing in the tag set. 
In practice the relative magnitude of A (10 Ро), which for a given metal ion varies 
from ligand to ligand, and Р (which is fixed for a given metal ion but varies from 
metal ion to metal ion) will decide whether or not spin pairing will take place, 
that is, will decide whether or not the tag set will be occupied in preference to the 
cg set. The dt, d?, d? systems will occupy the fa, set with their electron spins parallel 
and this will be true irrespective of the strength of the crystal field. Again а, d? 
and d!? systems can be arranged in one way only with two, one and no unpaired · 
electrons in the ер set (Fig. 10.7). 

But in the cases of d', d5, d* and d* high-spin (maximum possible number of 
unpaired electrons) and Jow-spin (minimum possible number of unpaired electrons) 
may arise. According to Hund's rule of maximum spin multiplicity (Chapter 11) 
n unpaired electrons will tend to occupy т orbitals to give rise to л unpaired spins. 
Thus pairing of spin is not normally a favourable process and the pairing energy 
P will have to be used to counter the electrostatic repulsion between two electrons 
in the same orbital. А d* high-spin system іп a crystal field will have three electrons 
in the гр set (energy = 3 x (—2/5 A) = —6/5 A = —12 Ра) and one in the eg 
set (energy = 3/5 А = 6 Dq), the total energy due to the crystal field being —6/5 Д 
+ 3/5 A = —3/5.A == —6 Ра. On the contrary if the crystal field is strong enough 
to induce spin pairing, all four electrons will remain in the tag set and taking the 
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pairing energy into consideration, the energy is4 x (—2/5 A) + P = — 8/5 A +P 
= —16 Dq + P. The energies of the d*, d5, d* and d" systems in the two states 
are enumterated in (Fig. 10.8). 

A perusal of the above energy values shows that on putting A=P, each of the 
а“, 45, d* and d? systems provide the same energy for both the spin states. With 
A > P the energy of the low spin state becomes smaller than that of the high spin 
state i.e. the low spin state becomes the preferred state. With A < P the reverse 
holds. This condition for high spin d* is demonstrated below: 


For the high spin state A <Р іе. P> A.SoP = Д +ХА 
Energy of the high spin state = —2/5 A + P = —2/5A+ At XA 


(tag е?) = 3/5 л х Л 
Energy of the low spin state = —12/5 Л + 3P = —12/5 A +3 A + 3х A 
(tag* ед) = 3/5A+3xA 


Thus the energy of the low spin state is greater than the energy of the high spin 
state. Therefore the high spin state will result when A < P and conversely the 
low spin state will be the ground state when A > P. These two conditions are 
apparent on mere inspection of the energies of the two spin states of d^ (Fig. 10.8). 
When A > P, the energy of the low spin state is negative while the energy of the 
high spin state is zero. Again when A — P, the energy of the low spin state is 
positive while the energy of the high spin state is still zero. 

Thus the spin state of an ion in a complex depends on whether the crystal 
field splitting is bigger or smaller than the pairing energy. When A is greater than 
P, electrons will tend to pair their spins and when A is smaller than P elecrons 
will tend to remain unpaired and will spread out in the d-orbitals. A weak field 
(A « P) produces high spin complexes while a strong field (A > P) gives low spin 
complexes. Note also that the spin arrangement in weak field complexes is the same 
as in free ion, although the orbitals are no longer degenerate. 

For each of d*, 45, d*, d ions there is a critical crystal field strength (A = P) 
below which all ligands will produce high spin state and above which all ligands will 
produce low spin state. The critical 10Dg (A) is sometimes referred to as the 
cross-over region (Fig. 10.9). A ligand, whose crystal field strength is close to the 
critical 10 Dg of a particular d" ion (n = 4, 5, 6, 7), 
can give rise to spin state equilibrium. The difference 
in energies of the two spin states around the cross- 
over region is in the range of thermal energy so 
that spin state equilibrium may be shifted either 
towards the high spin state or the low spin state by 
changing the temperature. Room temperature mag- 
netic moments of tris (dialkyl dithiocarbamato) 


Energy of spin staje 


Crystal field strength —> 


; S 
FiG. 10.9. Spin state equilibrium iron (Ш) (345), ( кмс. ) Ғе, 
we 


range from = 5.83(R = pyrrolidoyl) io » = 3.02 B.M. (R=isobutly). Almost 
any intermediate value can by produced by proper selection of the alkyl group. 
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In keeping with this spin-state equilibrium increasing pressure gives lower 
moment. Pressure reduces volume and this is possible only if the more repelling eg 
electrons of the high spin form move into the less repelling tag level giving more 
of the low spin form. Electrons in the eg level increase the metal-ligand bond 
distance. d’, 45, dë and d? ions can give rise to spin state equilibrium with both 
the forms having the octahedral geometry. For other ions e.g. 34" Ni (П) such 
equilibria must arise out of differing geometries of the two spin states. 

Tetrahedral Complexes: A tetrahedron is best conceived by taking the alter- 
nate corners of a cube (Fig. 10.10). The centre of the cube is occupied by the metal 
ion. The dispositions of the dry, dzz, dyz, а“ and 42 orbitals relative to the 
tetrahedral points (where we place four ligands) show that dry, dzz and dyz orbitals 
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Fro. 10,10. A tetrahedral ML, complex Fic. 10.11, Splitting of the d orbitals in a 
with the four ligands at the alternate tetrahedral field. 
corners of a cube, the centre of 
which is occupied by the 
metal ion. 


lie just half an edge of a face of the cube away from the nearest ligands whereas the 
а2_,2 and dz? orbitals lie half a diagonal of a face of the cube away. For example, 
each of the two lobes of the dz? orbital along the z axis will be placed in between 
the two ligands which occupy diagonally opposite corners of a face of the cube. 
Thus in contrast to the octahedral geometry, in a tetrahedral crystal field dry, 
dzz, dy; orbitals (fs set) are repelled more and hence destabilised compared to the 
d,2_,? and 42 orbitals (e set) (Fig. 10.11). Further, calculations show that fora 
given metal ion and a given set of ligands and the same internuclear distance the 
tetrahedral splitting A t is about 4/9th of the octahedral splitting between the 
same metal jon and the same six ligands. In principle only d?, а", d*, and dë may 
exist in both spin states. The low spin state will be favoured only if A t is greater 
than Р. A tetrahedral field produces only а weak splitting. No tetrahedral field is 
strong enough to initiate spin pairing (At is always less than P). 

Splitting of d-orbitals in other Crystal Fields: In Fig. 10.12 we give the d- 
orbital ordering in several other fields. In a square planar geometry the da 
orbital alone directly faces the four ligands along the x and y axes. Hence d? * 
orbital is the most destabilised. dz, orbital is also repelled by the ligands but 
expectediy to a lower extent. The 4 and dyz orbitals are not in the immediate 
vicinity of the ligands. In an idealised square planar stereochemistry there are no 
ligands along the 2 direction and thus ће 45 orbital is the most stabilised. 
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In square pyramidal geometry the dz*_y* orbital is face to face with the four 
ligands in the equatorial xy plane and hence this is the most destabilised orbital. 
Next in order will be the 42, dzy, and the doublet set dzz, dyz. In the trigonal 
bipyramidal geometry the dz? orbital is the most destabilised as it faces two ligands 
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Fia. 10.12. Splitting of the d-orbitals in square planar, square pyramidal and 
trigonal bipyramidal crystal fields. 


directly. However the equatorial orbitals dry, d,°_,* do not face the three ligands 
(in the xy plane) directly but are equidisposed with respect to them. The dzz, dyz 
orbitals, as expected, are the most stabilised. In trigonal planar geometry the two 
ligands along the z axis are missing and hence the 4,2 orbital is now the most 
stabilised orbital. The energy order will be: dz? *, dxy > dre, dy; > dè. In a 
linear geometry the z axis is taken as the unique axis and the two ligands are 
placed on either side of the metal ion. It can be guessed that the energy order 
isi d > Яг, dyz > day, d, у“ 

Crystal Field Stabilisation Energy: Lhe stability gained by a d^ ion due to 
the splitting of its d-orbitals by a crystal field and preferential occupation of the 
lower energy d-orbitals is called its crystal field stabilisation energy (CFSE). The 
CFSE provokes the transition metal ions to form complexes with preferred gec- 
metries. Thus CFSE of d’ ion in high spin octahedral stereochemistry (teg° eg?) 
is 5(—4 Ра) + 2(+ 6 Dq) = —8 Ра (Table 10.5) compared to the unsplit bari- 
centre. Pairing energy need not be considered for calculation of CFSE but has to 
be considered for the total energy (Fig. 10.8). CFSE's are useful in interpreting 
several behaviours of transition metals: 

(1) stereochemical preference, 

(2) variation of ionic radii (3) thermodynamic properties. 

(1) Stereochemical Preference: Octahedral low spin cobalt ҲИ) (34%) has 
the highest CFSE = —24 Dg. This explains why almost all cobalt (III) complexes 
are low-spin octahedral. High-spin [CoF,j?- is the only exception. This is due 
to the weak crystal field strength of the fluoride ligand, which cannot exceed 
P (Р = pairing energy of Co?*). It is commonly observed that d? and d* ions 
prefer octahedral geometry because these ions have high CFSE = —12 рд. A 
perusal of Table 10.5 reveals that the difference in CFSE between octahedral 
and tetrahedral geometries is smaller for cobalt (II) than for nickel (1I). Therefore 
a tetrahedral cobalt (II) complex has a better prospect to be formed in aqueous 
medium than a tetrahedral nickel (IT) complex. In fact addition of excess HCI 
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to pale pink [Co(H,O)q** changes the colour to blue due to the formation of 
tetrahedral [CoCl]?- while similar addition to [Ni(H;O),]** has no effect. The 
smaller the difference in the CFS E's of the two complexes the greater is the prospect 
of the reaction to proceed from left to right under the mass action of the weaker 
chloride ligand: 
(M(H20),]?! -| 427 = [MCI]? + 6H,O 

d^, d5 (weak field) and d!? ions have no CFSE in either octahedral or tetra- 
hedral field. Hence such ions have no prelerence for any particular stereochemistry 
on crystal field grounds. In such cases stereochemistry and coordination number 
are decided by ligand-ligand repulsion, size of the cation and cation charge. Zinc (II) 
(3d) shows а preference for a tetrahedral geometry as this geometry minimises 
ligand-ligand repulsion by maximising L—M-—L angles to 109°. 


Table 10.5. CFSE in Octahedral and Tetrahedral Fields 


Bom т Чеда: АРЕНА О А ДЕ аа AL ЕЕ Lee PATRE T QN 
da High-spin Low-spin Tetrahedral 
octahedral - octahedral (рд) =00 
(Dq) (Dq) 
di -4 -- 4 — 62-271 
d? org 8 142 = 2153 
d^ -12 Bus – 8==35 
d^ 06 —16 – 4=—–18 
d^ 0 —20 0-0 
da sd —24 6.2.2.1. 
di -8 —18 —12 = —53 
qa 212 12 – 8 = —3.5 
d" - 6 -6 - 4=—18 
que 0 0 0=0 


ke eR e ar en ГЫ 1 ee 


That CFSE dictates the ster. ochemical preference of metal ions is also revealed 
by an inspection of the structures ог normal spinels and inverted spinels. Spinels 
are mixed metal oxides, AB,O,, where A is a bivalent and B is a trivalent metal 
ion. Close packing of oxide ions gives both octahedral and tetrahedral holes 
(page 124). In normal spinels the bivalent A ions occupy tetrahedral holes while the 
trivalent B ions occupy the octahedral holes. In inverted spinels the bivalent A ions 
have moved into the octahedral holes while half of the trivalent B ions have moved 
out of the octahedral holes to occupy the tetrahedral holes. 


Normal spinel Inverted spinel 
A[BB]O, ВГАВЈО, 
example: Ми АЦО, example: АММА") О, 


The very favourable СЕЗЕ (—12 Ра) of nickel (11) in octahedral geometry leads 
to the inverted spinel structure in NiAl,Q,. Aluminium (Ш) is a 3d° system and 
has no CFSE. In low spin octahedral state 34% cobalt (Ш) has а very high CFSE 
(—24 Dq) compared to that of high spin cobalt (1) (—8 Dq). Although oxide 
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ion is weak it can still force spin pairing in cobalt (Ш). Thus СозО, assumes a 
normal spinel structure Со! [Со О. Iron (III) (345) in high spin state has no 
CFSE but 3d* iron (П) in high spin form has —4 Dg. Hence a stable system results 
if Fe,O, assumes an inverted spinel structure ЕеШ[ЕеҒешО,. If FeO, had 
assumed a normal spinel structure the stability gain would have been only CFSE 
of 3d* iron (II) in tetrahedral stereochemistry (—6 Dg: —3 Dg) compared to 
—4 Dq of the inverted structure. Similar reasoning would predict а normalspine! 
structure for MnO, 

(2) Variation in Ionic radii: The bivalent metal ions in the high spin metal 
oxides, MO, are octahedrally surrounded by the weak oxide ions. As we move 
from Ca?* to Zn** there is a partial filling up of the 155 level first, then partial 
filling of the eg level, then of the tag level again and so on to give finally tag° e;* 
іп Zn**. An еу electron repels ligand electrons more than does a fag electron. 
Since an ej electron faces the ligands directly it screens the nuclear charge of the 
metal ion from the ligands more effectively than the fyg clectron.Hence ап eg 
electron is likely to increase the metal-ligand distance i.e. the M— О bond length 
while a fg electron will have the opposite effect. Therefore as we move from 
Ca**(3d*) (tog?) through Sc** (1,1), Ti** (1,27), У?+ (15%) the ionic radii of M** 
gradually decreases to reach a minimum in V** due to increase in the number of 
protons in the nucleus with increasing atomic number. The radii (as revealed by 
the M—O distance) then start increasing with a maximum in Mn** (¢2,%e,*), then 
fall again to a minimum in Ni?* (fagĉeg?) and finally rise again to another maximum 
in Zn** (Fig. 10.13). 


X24 


М—0 distance 


ae a 
Ca Ti V Mn Co Cu Zn 
Fic. 10.13. Variation of M** radii іл MO compounds. 


Note that the ionic radii of the three ions without апу CFSE (Ca?**, Mn**, 
Zn?^) lie almost on a line, showing the effect of gradual contraction with increasing 
atomic number, In Fig. 10.13 M—O distance has been plotted. 

(3) Thermodynamic Properties: (a) Hydration Energy: This is defined, as the 
heat liberated when one mole of a gaseous metal ion is dissolved in water: 

2*(g) + хН,О — [M(H.0)z]** 
With decrease in ionic radii the hydration energy should increase. Of the 4^ ions, 
49, d* (high spin) and d™ have no CFSE so that the hydration energies of these 
ions (Ca**, Mn**, 712+) should be function of their ionic size and should lie on a 
smooth line. The experimental plot of hydration energies (Fig. 10.14) against 
atomic numbers gives a double humped curve having the highest values at V?*/Ct** 
and Ni**/Cu** regions, When these experimental values are corrected for CFSE 
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by subtracting the relevant Dg's obtained from the spectra of the aquo complexes 
the corrected values lie on a smooth line connecting the d^, 45 and d” 
ions (Fig. 10.14a). 


(b) Lattice Energy: This is the heat of the 700 (-AH 
reaction: (а) 
| 650 
M? g) + n X-(g) < MXn,s Т AR 
for the case of univalent anions. Once again a $ 600 
double humped curve is obtained when the = Ы Cy 
lattice energies are plotted against atomic Ж 
numbers. In the absence of any CFSE the H 


lattice energies should increase with decreasing 
ionic radius. A good line is obtained when 
these lattice energies are corrected for the CFSE Бо. 10.14. (a) Hydration energies 


calculated from optical data of the MX; com- (— AB) of M** ions; «experimental 
points; X corrected for CFSE 


pounds (Fig. 10.14b). je dem 
It is interesting to note that a double pera sidus Fa к су 
humped curve is ако produced when the ions in the crystal lattice), » Experi- 
CFSE's (in units of respective Dq's) of weak mental points. The straight line is 
fields аге plotted against atomic number. lattice energy minus CFSE. 
CFSE reaches a maximum (—12 Ра) іп d* chromium (II, vanadium (1) 
and then drops to zéro in high spin 45 manganese (II). It starts rising again reaching 
a second maximum in а nickel (1) and dropping down to zero again in d™ zinc (I). _ 
Variation of 10 Dq: 
` 1. Given the same metal ion and the same geometry it varies from ligand to 
ligand. This variation gives us the following spectrochemical series of ligands in 
order of increasing crystal field splitting: 
I- < Br“ < NO,-< C ~ _§CN- < F- < С,0,- < H,O < —NCS~ 
< EDTA ~ gly < py < NH; < en ~ BigH < dipy ~ o-phen «NO,-«CN- 
2. Given the same metal ion and the same ligand it varies from geometry to 
geometry: 


Tier Fe NE zn 


square planar octahedral tetrahedral 
13 Dq (oct) 10 Ра (oct) 4.5 Ра (oct) 

3. Given the same ligand, the same geometry and the same valence 10 Ра 
varies from metal ion to metal ion: 

M?* vet Cr?* Mn** Fe** Co** * Ni?* Си 

10 Ра (kK) of 

[M(H,0)J 124 139 85 104 93 8.5 12.6 

4. Given the same ligand, the same geometry, the same metal but varying 
valence, 10 ра increases with increasing valence. 10 Dq increases due to substantial 
increase in с bonding due to an obvious decrease in the radius of the metal ion. 
The increased charge will drag the ligands more strongly, thus perturbing the 
d-orbitals to a greater extent. 

{Ма(Н,О) * [Mn(H,0)q]°* [Cr( 0) [Cr(H;O),]" * 

10 Da(kK) 8.5 21,00 13.9 174 
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5. Given the same ligand, the same geometry, the same valence, 10 Dg increas- 
es in а group from the first transition series to the second and then to the third. 
It is likely that the 4d and 54 orbitals due to their larger size interact better with 
the ligand orbitats than the 3d orbitals. Increased nuclear charge of the metal ions 
has also an effect. 


[Со(еп)„]*! [Rh(en);) " [Ir(en)]? + 
10 Dy (kK) 24.0 35.0 410 


Tetragonal Distortion*: This distortion arises from uneven ligation on the 
equatorial and. axial sites of a six-coordinate complex e.g.: trans ML,X,. Since 
the crystal field strengths of equatorial L and'axial X are different the tag and the 
eg sets will split further. Taking X as weaker than L it can be seen that the 4 
orbital will be rather stabilised while the dz*_,* orbital will be destabilized. Again 
the dz. and the dyz orbitals (with z components) will be stabilised while the dry 
orbital will be destabilised (Fig. 10.15). If the two trans ligands (X) are pulled to 
infinity an idealised square planar geometry with the d-orbital ordering dz* < dzz, 
dyz < dey < dz? y? will result. Whether or not the d: orbital will be above or 
below the dzz, dyz set or the dz, orbital will be decided by the nature of the metal 
ion and the ligands. The 
energy gap between the 
highest two occupied orbi- 
tals will dictate the spin 
state of a complex. Thus 
the Ni (diamine), X, (dia- 
mine = N, N’ diethyle- 
thylenediamine) complex- 
es are diamagnetic when 
X = Br or I and para- 
magnetic when X = Clor 

Fra. 10.15, Tetragonal distortion of an octahedral NCS (и =3.2 В.М.). When 

stereochemistry the axial and the equato- 

rial ligands are widely 

different in their donor strengths we get a low spin tetragonal (of square 

planar) complex while when the difference is not appreciable a high spin 

tetragonal complex is formed. When the energy separation between the highest 

two occupied orbitals in a tetragonal complex is close to the pairing energy the 
complex is likely to exhibit spin state equilibrium. 34° Ni (П) is a good example. 

When the axial ligands are weaker than the equatorial ligands tetragonal ` 
elongation (Fig. 10.15) leads to four short metal-ligand bonds on the equatorial 
plane and two long metal-ligand bonds on the axial plane. Strong metal-ligand 
interaction in the axial plane gives rise to tetragonal compression with short metai- 
ligand bonds along the axial plane and long metal-ligand bonds on the equatorial 


Tetregonat | Compression Tetrapone! Elongation 


* Cubic; x= у = z ; tetragonal; xy z; х, y and z represent metal-ligand bond 
lengths along the specified axes. 
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plane. The d-orbital ordering then becomes dzy — de dy = dé < dy 
Oxo-vanadium (IV) complexes are good examples of tetragonal compression. 
In VO(H,0),SO, the vanadyl oxygen-vanadium bond length is only 1.67A while 
vanadium aqua oxygen bond lengths along the equatorial plane are ~ 2.3A. 

Jahn-Teller Effect: If octahedral complex (ML) is assumed to be subjected 
to some tetragonal distortion the degeneracy of the tag set and the eg set may be 
further lifted. Let us examine the case of high spin d* in a tetragonally elongated 
octahedral geometry (Fig. 10.16). Splitting of the 1,2 set leads to no extra stability 
2x(—} 8) + 1 x @ ô) = O, but the e 
electron will gain in stability by—3 9’. It 
is this gain in stability that motivates the 
system to undergo distortion. In the case 
of d? copper (ЇЇ) once again the system 
gains no extra stability from the splitting 
of the £5 set but does gain from the splitt- 
ing of the eg set. Indeed many copper (Ш) 
complexes are distorted from ideal geo- 
metry. An inspection of Fig. 10.16 shows 
that distortions from ideal octahedral geo- 
metry will occur whenever the fgg set or $ ls edly 
the e, set is either less than half-filled or n e E евр of 
more than half-filled. No distortion is 
expected when these sets are half-filled or filled. Distortion will occur whenever 
there is uneven population of the fag or the e; set. у 

Jahn and Teller proposed an important theorem: Whenever а degenerate orbital 
state exists in the ground state or the excited state the ion will so distort itself that 
the degeneracy is lifted resulting in a state of lower energy i.e. higher stability. Yn 
terms of symbols, А (singlet; non-degenerate) term carries no Jahn-Teller effect 
but E (doublet; two-fold degenerate) and T (triplet; three-fold degenerate) terms 
do. An explanation of the term symbols appears in Chapter 11. Jahn-Teller effect 
need not operate in octahedral or tetrahedral complexes unless all the ligands arc 
the same. Mixed ligand complexes are already distorted from idealised geometry 
because of varying crystal field.strengths of the ligands. Table 10.6 iists Jahn-Teller 
effects in octahedral and tetrahedral complexes. 

The fay electrons do not directly face the ligands in an octahedral field but 
the ey electrons do. Uneven population of the eg orbitals will force a greater 
disparity in the metal-ligand bond lengths than can ђе forced by the fay electrons. 
The most important examples of Jahn-Teller effect are found in: 


di : high spin chromium (H) and manganese (Ш) (ге) 
а" : low spin cobalt (II) and nickel (Ш) (t35*e5*) 
d? : copper (ID (ares?) 


If the unpaired electron in 3d? copper (Ш) is in the 42 orbital metal-ligand 
bond length in the axial plane will be shorter than those in the equatorial plane. 
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Table 10.6. Jahn-Teller Effect in d” Ions in Ground States 


lon Octahedral Complex Tetrahedral 
high spin low spin complex 
d Yes (tag!) — Yes (е!) 
di Yes (tag?) — No (e°) 
аз No (147) — Yes (е?!) 
di Yes (1202/7) Yes (53%) Yes (et?) 
d* No (2,2—0) Yes (0/5) No (etj?) 
d* Yes (fase) No (tas) Yes (etj) 
а Yes (720242) Yes (tag®ey") No (e't?) 
d* No (tag%ey*) = Yes (ett!) 
e Yes (1,%4") — Yes (ett) 


Api Уба S qo SEE рут 


This is because the nuclear charge of copper (Ш) is less completely shielded in 
the z direction than in the x and y directions. Copper (II) thus develops a greater 
electronegativity in the axial plane than in the equatorial plane. The electron 
distribution will then be: 


dig > digo! аза Фр > азу 


The reverse will be true if the electron is in the dz? .,? orbital. X-rey crystal struc- 
ture of CuCl, shows that each copper (1) is octahedrally surrounded by six chloride 
ions but with different copper-chlorine distance (4Cl- at 2.30A and 221 at 2.95A) 
indicating that the unpaired electron is in the dz?_,? orbital. The electron distribu- 
tion then is most likely to be: 


dig у; > Фа > dzy > Azz, уг 


Hexaaquotitanium (Ш), a За! system, is susceptible to Jahn-Teller distortion 
both in the ground state and the excited state. Instead of a sharp, single absorption 
band (tag — ej) a broad asymmetric band covering several close transitions eg: 
(tetragonal elongation: dzz, дуг — di) y daz, dyz > d2 etc; tetragonal compres- 
sion: dey — 42; dry — dz*_y" etc.) is observed. 

Two S—O stretches (915 cm~ and 960 ст“) in the infrared spectrum 
of [Mn(DMSO),] (CIO), (DMSO = dimethylsulfoxide) indicate differently 
bonded DMSO molecules. (Free DMSO has S—O stretch at 1055 cm~). High 
spin manganese (Ш) has an uneven distribution of electrons in the ер orbitals 
(12°, 0% or 4%х*_ y*, d! 7). Since the intensity of the 915 ст“ band is almost 
double that of the 960 cm~ band, the nuclear screening is less in the square plane 
giving four strongly oxygen-coordinated DMSO ligands. It has been concluded 
that the fourth electron is in the dz orbital. Instead of a single absorption band 
(tag => €y) expected for an undistorted octahedron the complex gives three bands: 


died; 4.5 KK); dey oda? (17 KK) and dzz, Ф027 ROKK). 
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High spin [CoFg]?- (2°) is Jahn-Teller sensitive in the ground state (112) 
and more so in the excited state (f29%e,*). Instead of a single absorption band 
(Tq — 5E; ; cf. Fig. 11.11.) a split spectrum (bands at ~ 700 nm and ~ 900 nm) 
is obtained. 

Static Jahn-Teller effect results in a permanent distortion of the сотрјех 
as in copper (ID, high spin manganese (III), and high spin cobalt (IH). However 
if the energy difference between the two possible distortions namely: (1) four long 
equatorial bonds and two short axial bonds and (2) four short equatorial bonds 
and two long axial bonds is minimal, the final time average structure may be 
close to an undistorted octahedron. Such a case is said to arise from dynamic 
Jahn-Teller distortion and is difficult to establish experimentally. 

Colour of Coordination Complexes: The colour of complexes originates from 
two sources: (1) d-d transition and (2) charge transfer transition. 

d-d transition: Yn its ground state the d! electron of [Ti(H,O),]*+ is in the 
toy set. On irradiation with blue-green light of energy equal to the A, (493 imp 
= 20,300 ст-! = 20.3 ЕК) of the hexaaquotitanium (IH) ion, the complex 
will absorb such energy to allow a transition of the 2; electron to the excited e, 
set, When we see the complex through transmitted light it appears purple violet. 
For multielectron system interactions between d-electrons gives rise to many 
electronic states so that more than one transition is possible (Chapter 11). Quanti- 
tative expressions have been derived for spectral transitions on the crystal field 
model connecting energy of the transition, crystal field strength and interelectroni-: 
repulsion. Furthermore quantitative expressions are also available connecting 
magnetic moments with 10 Dg, which connections were not forthcoming from УВ 
theory. 

Charge transfer transition: There are many compounds where either tlie 
metal ion is highly oxidising and the ligands are reducing or that the metal ion 
is highly reducing and the ligands are oxidising. In such cases there occurs transfer 
of charge (i.c. electron) from the reducing partner to the oxidising partner. The 
metal ions may or may not possess d-electrons. Common examples ate intense 
purple permanganate (Mn(VID, 34°), brick-red mercury (11) iodide (Hg(Il), 5d"), 
yellow chromate (Cr(VD, 34°), dark red [Fe(dipy),]?* (Fe(ID. 3d"), blood red 
ferric thiocyanate (Fe(II), 345) etc. 

The selection rules of electronic transitions are: 

1. No electronic transition is permitted where the ground stale and (he excited 
state have different spin arrangements i.e. have different spin multiplicities, Only 
those transitions are allowed for which /,S -= О i.e. transitions are permitted between 
states of the same spin multiplicity. 

2. Only those electronic transitions are allowed for which Al = 4-1. This 
selection rule due to Laporte points out that no electronic transitions are allowed 
for which Al=0 or +2. Thus transitions such as 2s — 2p, 2s — 3p, 3p — 3d 
are allowed but 34 — 3d, 15—» 25 or 3s— 3d are not. No electronic transition 
can occur merely because of redistribution of electrons in similar orbitals ic. 
d-d transitions (such as fay — eg transition in [T((H3O)s]?') are forbidden. For 
quantum mechanical proof of the two selection rules see Appendix ІШ. 
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Although d-d transitions are forbidden yet the coordination complexes of 
transition metals are coloured. This indicates that Laporte selection rule must - 
be relaxed in practice. Whenever a complex lacks a centre of symmetry (e.g.: 
in a tetrahedron) or that odd vibrational effects lead to a change of bond lengths 
or bond angles there is scope for mixing of metal 3d-orbitals with metal 4p orbitals 
or with ligand p-orbitals. The pure d-character of the transition metal d-orbitals - 
i5 then lost and Laporte selection rule is relaxed. A situation arises so that electron 
transfer from a d-orbital to a p-orbital can occur. Forbidden transitions have 
low molar extinction coefficients (10 to 200) for six-coordinate complexes and 
(100—1000) for tetrahedral complexes. In a non-centrosymmetric tetrahedral 
complex the selection rules are relaxed to a greater extent. 

Charge transfer transitions may be either from ligand to metal (L — M) or 
from metal to ligand (M — L). In such complexes the ligand p-orbitals and metal 
dorbitals interact to form M.O.’s. When these M.O.’s are arranged in order of 
their energy it is found that some M.O.’s have predominantly ligand (ie. p) 
character while some M.O''s retain predominantly metal (i.e. d) character. Laporte 
selection rule allows р — d transition (Al = + 1) so that charge transfer transitions 
are allowed transitions with high molar extinction coefficients (10* to 10%). Such 
transitions are usually high energy transitions and occur in the ultraviolet region. 
Charge transfer complexes appear coloured to our eyes only when the transitions 

"occur in the near visible region or when the transition in the u.v. has a long tail 
in the visible. Common examples of L— M charge transfer are mercury (1) 
iodide, Мао,“ CrO,2~ etc. Examples of M — L transitioninclude [Fe(o-phen)g]**, 
[Fe(dipy),]?* etc. While d-d transitions can occur only in complexes of transition 
metal ions with incomplete d-level, charge transfer transitions can occur in 
both transition metals with incomplete d-level as also in d^, 4" and non- 
transition metal compounds. Charge transfer transitions are also known as redox 
transitions. 

'The more reducing M is and the more oxidising L is, the lower is the energy 
of the ML charge transfer transition. The absorption maximum of [Fe(dipy);* 
occurs at 515 mp while for [Ni(dipy)]*. [Co(dipy)s}** the maximum is at still 
lower wave length range. Iron can be estimated down to 10-5 gm/ml via forma- 
tion of [Fe(dipy/o-phen),]^*. The more oxidising M. is and the more reducing L 
is the lower is the energy of the L — M charge transfer transition. Thus iron (Шш) 
complexes give more L — M charge transfer transitions than does chromium (IIl). 
Most colorimetric analyses of trace quantities of metal ions utilise charge transfer 
transitions. d-d transitions, being of low intensity, are of little value for 
such purposes. Á 

Charge transfer spectra need not be restricted to M — Lor L — M type. 
A third less common type is exhibited by the so-called Prussian blue or Turnbull's 
blue precipitate К Fe Fe(CN)s. One of the two irons is Ее(Ш) while the other is 
Fe(II). Electron transfer is possible from Fe(II) to Fe(II). Note that K,FeFe 
(CN), is colourless because both the irons are Fe(II) and thus there exists no scope 
for any (redox) charge transfer transition. Given below are the salient distinctions 
between d-d transitions and charge transfer transitions. 
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no 


d-d transition charge transfer transition 
1; Presence of d electrons essential 1. Presence of d electrons not essential. 
It may occur in 40, d", d? systems. 
2. Laporte forbidden 2. Laporte allowed 
3. Low molar extinction coefficient 3. Extremely high molar extinction co- 
(5-200) й efficient (5,000 ~ 35,000) 
4. No redox system involved 4, Redox system essential 
5. Not useful for spectrophotome- 5. Very useful for spectrophotometric 
tric estimation of metal ions estimation of metal ions 


More on the electronic spectra from the viewpoint of the crystal field theory 
is given in Chapter 11. 

Passage of Crystal Fields to Ligand Fields: The crystal field model does not 
consider any covalent interaction between ligands and the metal ion. Experience 
shows that in several instances overlap of orbitals of the metal ion and the ligands 
does occur. (1) In a low-spin hexachloroiridium (IV), [IrClg]?- (tag) the single 
unpaired electron has been shown from an analysis of the electron spin résonance 
spectrum to be delocalised into the six chloride ions. The multiband ESR spec- 
trum convincingly proves that the iridum unpaired electron is definitely disturbed 
by the nuclei of the chloride ligands. This is not possible unless there occurs an 
overlap of metal—ligand orbitals. Fordetails on the ESR evidence see Appendix V 
(2) Intensities of the forbidden d-d transition cannot be adequately explained 
on the basis of mixing of metal d and metal p/s orbitals alone or on the basis of. 
vibrations of the complex but that metal d-orbitals have to be assumed to be 
mixed up with ligand p-orbitals also. (3) Crystal field spectral bands cannot be 
fitted precisely if the interelectronic repulsion of metal electrons in a complex be 
assumed to be the same as in the free ion (section 11.10.5). Instead, good fits 
are obtained when the interelectronic repulsion is assumed to be 20-25% less 
in a complex than in a free ion. It follows that the d-orbitals have expanded in 
size and have penetrated into ligand orbitals so that repulsions between metal 
d-orbitals becomes smaller than in the free ion. The ligand electrons partially 
screen the d-orbital electrons from the nuclear charge of the metal ion. Thus 
the d-orbital electrons spend sometime on the ligands i.e. metal d-electrons аге 
partially delocalised into ligand orbitals. The average distance between d-orbitals 
thus increases. This influence of ligands in expanding the d-electron clouds is 
known as nephelauxetic effect (‘cloud expanding’). Taking P as the ratio of the 
interelectronic repulsion parameter B’ in a complex to B in a free ion, common 
ligands can be arranged in the following nephelauxetic series: В, free ion > F~ > 
H,O > NH; > NCS- > Ci- > CN->Br-> 52 > 1. Bis = 1 for F- and 
0.25 for I-. Covalent complexes have low f. (4) Antiferromagnetism in metal 
complexes arise out of metal-metal bonding or via super-exchange through oxygen 
or fluorine bridges. In the case of super exchange partial spin quenching of the 
metal ion occurs through filled a-orbitals of the bridging atoms. It may so happen 
that one of the two electrons of the bridging atom moves into the orbitals of the 
metal ion which carries the unpaired electron. In order to keep the Pauli principle 


16 
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valid, е migrating electron of the bridging atom must have its spin in opposition to 
that of the metal ion electron (Fig. 10.17). As the other electron of the bridging 
x atom moves into the d-orbital of the second 

dxz | dxz metal ion the spin of the unpaired electron 
should be aligned opposite to that of the enter- 
ing z-electron of the bridging atom. Thus the 


2 phenomenon of antiferromagnetism through 
super exchange is a proof of overlap of metal- 
ligand bonds. 

M о M Crystal field model is strictly valid for ionic 

Fic. 10.17. Antiferromagnetic in- complexes. For highly covalent complexes we 
teraction via super exchange have to have recourse to the molecular orbital 
(m-bonding): MO oxides theory of coordination complexes. All inter- 


mediate interactions are covered by ligand field 
theory; which has also been termed as adjusted crystal field theory. In ligand field 
theory interelectronic interaction parameters such as interelectronic repulsion, spin- 
orbit coupling constant are taken as ~ 75 9/ of the free ion value. These parameters 
are essential for quantitative evaluation of magnetic properties and spectral 
properties of complexes. 


10.11.3. A Critique of Crystal Field Theory-and Valence Bond Theory: The two 
theories are based on very widely different premises. Yet for the benefit of the 
young inquisitive readers some of the salient points are given below: 

1. In order to create a required geometry for the metal complex the VB theory 
hybridises suitable metal orbitals, sometime belonging to different principal quan- 
tum numbers. On the contrary the CF theory invokes no mixing of the metal 
orbitals. Instead, a stereochemistry is assumed, the ligands are placed at these 
stereochemical positions and then theenergetics and hence the distribution of the 
metal ion d-electrons in the five d-orbitals are examined, 

2. VB theory, of necessity, has to promote some d-clectrons to higher quantum 
shells particularly in the cases of d’, d° and d? ions in inner orbital octahedral cases. 
CF theory does not have to do this but merely reorganises the available d-electrons 
in the fag and ej levels (of the same quantum shell), although they are not equi- 
energetic. ] 

3. The УВ theory assumes overlap of filled ligand orbitals with empty hybrid 
orbitals of the metal ion i.c. covalence is assumed. But C.F. does not accept any 
overlap between metal and ligand orbitals i.e. complexes are regarded as ionic. 

4. The ‘outer orbital’ and ‘inner orbital’ octahedral complexes in VB termi- 
nology become ‘high spin’ and ‘low spin’ complexes in CF terminology. 

5. In the “inner orbital" case VB theory uses the d;*_,* and аг in the hybridi- 
sation and hence does not permit d-electrons to be placed in these orbitals. In CF 
theory these two d-orbitals form the doublet ej set and because of their higher 
energy (compared to the triplet fog set) disfavours putting d-electrons in this set. у 

6. The explanation of colour of coordination coniplexes in the low energy 
visible range is understandable oñ the CF theory as being due to electron transition 


, 
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fi zm the lower energy tag set to the higher energy eg set (in the simplest cases). 
However this has to be carried in our minds that such d-d transitions are Laporte 
forbidden. The VB theory does not have any such simple explanation. 

7. CF theory readily admits a gradual transition from high spin octahedral to 
low spin octahedral or even square planar stereochemistry with increasing donor 
strengths of the ligands. But VB theory is not suitable for such changes. 

8. As a consequence of recognition of the aforesaid gradual change the CF 
theory offers a satisfactory explanation of the cross over region and spin state 
equilibrium (leading to anomalous magnetic moments). The VB theory is unable 
to tackle such situation. 

9. The CF theory offers interesting explanation of orbital contribution to 
spin magnetic moments (cf: 11.12.2) while VB theory fails to provide desired 

_ answers. 


10.12. STABILITY CONSTANTS 


Quantitative study of the formation of a complex offers very useful informa- 
tions. A complex ML; may be formed in a number of consecutive steps: 


M +L = ML; kı = [ML]/IM] IL] 
ML +L = ML; к = [MLj/IML] [L] ў 
ме, + L = МІХ; ky = [MLxI/IMLz- ,] [L] 


where Ку, К»... kz are the stepwise formation constants. The overall formation 
(stability) constant may be represented as: 
Mi су _ МЕ 
? M + х = MLz; K = M] ILJ 

Reciprocal of the stability constant is called instability constant. The symbols 
Bz are often used to indicate the xth overall formation constant. Thus By— ki 
Ba = ky.ko By = ky-ko.ks. In aqueous medium the formation reactions involve 
replacement of the coordinated aqua molecules in the first sphere of attraction 
by the ligand molecules: 


[M(H;O),]^* + xL = [M"™*Lz] + 6H,0 


Since the determination is made in the solvent water ([H,O] = 55 M)] which is 
present in a constant and very high concentration, the release of coordinated 
water molecules has insignificant impact on the value of K.'and hence the reaction 
is considered without the solvent molecules. 

Starting with a known concentration of the metal ion and the ligand it is 
possible to determine the concentrations of all the different species involved in the 
equilibrium. Largely due to the efforts of Bjerrum, Sillen, Calvin, Irving and 
Schwarzenbach several methods, namely potentiometry, spectrophotometry, 
polarography, solvent extraction, etc. are now available for the evaluation of 
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А А 
stability constants. А comparative study of the stability constants (Table 10.7) of 
metal complexes with different ligands provides interesting conclusions: 


Table 10.7. Stability Constants (log K) for Metal Complexes in Aqueous Medium 


Log Kn 
Ligand Ка Mntt Fet Со: МЕР Cutt 2 
К, кА, AMA 2.1 2.79 4.15 2.37 
Ку els E 1.63 2.24 3.50 2.44 
NH; K; een Vil 1.05 1.73 2.89 2.50 
K, 24h NP. 0.76 1.19 2.13 2.15 
K; Tar Ms 0.18 0175 —0.52 3 
K, B Ronan. clo 62.1003. 5. 0... 
Ethylene Ky 2.73 4.28 5.89 7.52 10.55 5.71 
diamine Ks 2.06 3.25 4.83 6.28 0.05 4,66 


Ка 0.88 1.99 3.10 426 —1.00 1.72 


Saicyadehyde ^ K, 373 422 467 522 70 450 
К, 3.06 3.40 3.63 3.97 5.91 3.60 


үшын ыу Ыы ЗА н DRM C к ы. 
Ethylenediamine 
tetraacetic acid K 14.0 14.3 16.3 18.6 18.8 16.5 


(1) The successive formation constants of a complex between a given metal 
ion and a given ligand steadily fall off (from K, to Ke for metal ammines). This 
is due to the fact that as more and more ligands move into the coordination zone, 
less and less aqua molecules are available to fresh ligands for replacement. With 
progressive intake of ligands the metal ion becomes less electron greedy. 

‚ Q) Fora given metal ion the formation constants are far larger fora chelating 
ligand than for a similar non-chelating ligand. This enhanced stability is called 


chelate effect. : 
When a metal chelate is formed by the displacement of unidentate ligands 


there is an increase in the disorder of the system because of release of more mole- 

(МО) + 6NH; = (M(NH3)g * --6H.0 

(МО) :- 3en = [M(en)]?* -- 6850 
cules. The free energy change of a system, its enthalpy change and entropy change 
in the standard state are related as 
AG? = AH°—TAS” 

Again equilibrium constant of a reaction indicates the standard free energy change 
in the reaction i.e. : i 
да“ = —RTin K 


Thus a lower value of AG^ indicates a higher value for К. Enthalpy change 
between chelated and non-chelated structures is small due to similar metal-donor 
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atom linkages. It fóllows from the above relations that more positive value of 
AS? will lead to more negative ЛО? and hence a more stable complex will be 
formed. The chelate effect is thus mainly ап entropy eflect resulting from an 
increase of molecules in the system. Following Sidgwick the explanation of the 
chelate effect may be presented more pictorially..If one of the two metal-ligand 
bonds of a bidentate chelate system is broken, the remaining bond will still hold the 
molecule in place, so that the broken link can be reestablished. But а ligand bound 
by à single link will drift away if the bond is broken. In essence a chelate complex 
dissociates less than a non-chelated complex and hence registers a higher stability 
constant. j N 
(3) An empirical order of the stability constants of metal complexes 
emerges as: i 


Mn?* < Fei < Co?t < Nit* < Сиз" > Zn 


This order is commonly known as Irving-Williams series of stability constants. 
Recent determinations of formation constants of oxovanadium (IV), МО", have 
shown that complexes of this ion are even stabler than those of copper (ID. 

Several workers have tried to correlate the formation constant data with 
fundamental properties of metal ions, namely ionisation potential, electronega- 
tivity, atomic number, ionic size as also with the basic properties of the ligands. 
It may be generally stated that stability constants of complexes increase with 
increasing ionisation potential of the metals (first plus second potentials for M** 
ions). Stability constants of a given metal ion for à series of ligands increase with 
decreasing Ка values of the ligands. Although data on complexes of the second 
and third transition series are scanty, there is little doubt that the stability constants 
increase within-any group (of transition metals) in passing from the first to the 
second and to the third series. For example, complexes of nickel (11), palla- 
diun (1) and platinum (II) show an increase in thermodynamic stability in that 
order (Ni** < Раз < Pt?*). 


10.13. OUTER SPHERE COMPLEXES 


Over and above the forces that hold together a given metal ion and certain 
ligands in the first sphere of attraction in a complex, there exists a weaker inter- 
action between the complex ion and the (counter) ions outside the complex zone. 
Thus hexammine cobalt (III) ion can hold a chloride ion to give an jon-pair 
(ICo(NH3]**, СР)". The -descriptive name, outer-sphere complex,- as against 
the usual inner sphere complex has been given to such ion-pairs. From accurate 
physical measurements (conductance, optical density, etc.) it is possible to evaluate 
formation constants (also called association constants) of outer sphere complexes. 


Such constants, however, are far lower compared to formation constants of inner 


sphere complexes. Outer sphere association constants decrease with decreasing 


charge of the ions and with increasing size of tbe ions. the charge effect being . 


more important than the size effect (Table 10.8). 
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Table 10.8. Association Constants for Outer Sphere Complexes 


Ton-Pairs Ка Топ pairs Ka 
[Co(NH3);]**, Cl- 14 [Co(BigH);]?*, Cl 55 
[Co(NH3);]**, I- 17 [Co(BigH);]?*, Br- 33 
[Co(en);]?*, CI- 52 [Co(BigH);]**, I- 22 - 
[Со(еп)з]3+, I- 9 [Co(BigH);]?*, SO,2- 1.6 x 10% 
[Co(NH,);Cl?", CI- 10 

[Co(en),]*+, 50,27 28 x 10% 


10.14. FACTORS THAT INFLUENCE COMPLEX FORMATION 


The following factors are important in complex formation: 

1. Nature of the central metal ion: It is a special property of d-electrons, 
that is, of transition metals that they form stable complexes. The splitting of the 
d-orbitals in a crystal field provides crystal field stabilisation energy (for d it is 
—4 Ра; а", —8 Dq; for low-spin d*, —24 Ра etc in octahedral field) whereby the 
system is stabilised through complexation. The order of stability constants also 
indicates a preference of a given ligand for metal ions. Ionisation potential, ionic 
size, electronegativity also influence complex formation. In general complexation 
is favoured by increasing ionisation potentials, decreasing ionic size and increasing 
electronegativity of the metal ions. High ionisation potential means the resulting 
metal ion is quite electron greedy i.e. has a high electronegativity. Such a metal 
ion obviously will interact better with the lone pair of the ligand. 

2. Nature of the ligands: Common ligands possess lone pairs of electrons 
whereby they serve as donors. Electropositive groups are immediately ruled out 
as ligands. Ligands containing electronegative atoms (with lone pairs), such as 
carbon, nitrogen, oxygen, sulphur or the halogens are the most useful donors, 
Too strongly electronegative donors will form weaker complexes since such donors 
will tend to retain a considerable share of the lone pair on to themselves. Stability 
constants reflect the influence of the donor atoms. 

Negative groups (10,°-, TeO,-) with a central atom in a high oxidation 
state stabilises highest oxidation states. Electron deficient ligands (CO, CNR, NO) 
with vacant orbitals to receive back donated electrons (from metals) are known to 
stabilise low oxidation states. 

3. Ring Formation: Polydentate ligands can hold on to the metal ion at more 
than one point and thus give stabler complexes (chelate effect). A chelate complex 
has a higher stability constant than a non-chelated complex. Thus ring formation by 
achelating ligand at the metal ion helps in the formation of a stable complex. 

4. Role of solvent: Solvent always plays an important role in the synthesis 
of a particular complex. The chosen solvent must be a weaker ligand than the 
ligand whose complex is to be synthesised. For example, halide ions are decidedly 
weaker ligands than water. Therefore syntheses of halo complexes МС], 
[CoCl,]*-, etc are carried out as a rule in non-aqueous solvents like alcohol. 
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у 5. Role of pH: Yt is a general гше that complexation of а metal ion by a 
ligand increases with decreasing hydrogen ion concentration, that is, with increas- 
ing pH. A metal ion and a hydrogen ion are mutual competitors for a ligand. 
In presence of a large excess of H* the ligand tends to form a. proton complex 
rather than a metal complex. This is illustrated with the salicylaldelyde complex 


(10-XIX). 
H H 
C=0 2 
Mt QC, = CO. (0-1) 
M +H 
H 077 
H H 
с-0 C=0 
Ht + gp === 
OH 
(10 ХІХ) 


10.15. LESS FAMILIAR OXIDATIONS STATES AND THEIR, 
STABILISATION 


Oxidation state may be defined as the atomic number of the atom minus 
the number of the orbital electrons i.e. as the net charge on the atom. A more 
rigorous definition runs as: Oxidation state is the formal charge left on an atom 
when all the ligands are removed in their closed shell configuration and any element— 
element bond, are cleaved homolytically. 

d-Block transition elements have incompletely filled d-orbitals. Chemical 
reagents of varying effectiveness can disturb these d-orbital electrons to varying 
extent, These ions can therefore exhibit more than one valence. Less familiar 
oxidation states commonly mean the oxidation states other than those of commer- 
cial availability. Oxidation states of most elements of the first transition series 
are given in Table 10.9. The double underlined states are the most stable and 


Table 10.9. Oxidation States of First Transition Series Elements 


Titanium у 44 43 +2 0 Ti 
Vanadium +5 44 43 а aU T EO ub 
‚ Chromium +6 +5 44 +3. 42 +1 0 

Manganese +7 16 +5 +4 43 Hy О 2—1 

Iron No 44 43 42 B15 10 ay 
Cobalt +4 43 +2 rl -1 
Nickel +4 +3 +2 ы 

Соррег s +3 +2 Tis 1 


Mida deo OON АЙЕ НЫ Ин ы сер ЕЕ ВЕНЕ 
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the single underlined states come next in stability. Exploring the chemistry of 
these metal ions in less familiar oxidation states has been a fascinating pastime 
of synthetic inorganic chemists. From such studies some generalisation regarding 
stabilisation of less familiar oxidation states have now emerged. Complex forma- 
tion has played a significant role in this area, providing a protective shielding to 
the new oxidation state against the rigours of oxidation or reduction by the 
environment. 


10.15.1. High Oxidation States: When a metal ion occurs in an oxidation state 
higher than the one of common occurrence the ion will tend to oxidise its immediate 
surroundings and would tend to revert to its normal valence. 

Metal ions become more acidic (electron greedy) as the valence increases. 
(1) It is therefore commonly observed that higher oxidation states are frequently 
formed and stabilised in alkaline medium. Anodic oxidation of iron or ferric 
hydroxide in concentrated alkali converts + 3 iron to + 6 iron (ferrate ion, FeO,?-). 
(2) Negative groups containing a central atom of high oxidation number have 
been found to stabilise high oxidation states. Thus periodate IO,°~ and tellurate 
TeO,- ions have the iodine and tellurium in their highest oxidation number, 
namely + 7 and + 6 respectively. These ions have stabilised silver (Ш) in Mh 
[Ag(I0O4),]xH5O, M';[Ag(TeO,),]xH;O and copper (Ш) in M',[Cu(TeO,);]xXH;O. 
1t is interesting to note that these compounds are obtained in an alkaline medium. 
Quadrivalent nickel has also been stabilised as Na(K) [NiIO;]xH;O. (3) Higher 
oxidation states have also been arrested іп the form of stable complexes with 
organic ligands. A suitable organic ligand for such purpose will be one that will 
withstand any oxidation by the oxidising agent itself or by the higher oxidation 
state of the metal ion. Bipositive silver has been obtained as inner metallic com- 
plexes with pyridine carboxylic acids, eg: [Ag(Pic),] (PicH = picolinic acid) or as 
cationic complex with pyridine [Ag(py),]?*, with dipyridyl [Ag(dipy),]**, with 
o-phenanthroline [Ag(o-phen);]** etc. All these organic ligands are stable to 
persulphate ion, which is used in the synthesis to oxidise silver (Т). The ligands are 
also stable to silver (II). 

Silver (III) has been stabilised by the quadridentate ligand ethylenedibiguanide 
(29-VH). Manganese (III) and manganese (IV) have also been stabilised by bigu- 
anide and ethylenedibiguanide (29-УП). In general ligands with strong о-допог 
abilities (eg: dipyridyl, o-phenanthroline, periodate, fluoride) stabilise’ higher 
oxidation states. 


10.15.2. Low Oxidation States: In order to save the low oxidation states from 
oxidation by atmospheric oxygen, syntheses of such oxidation states are often 
carried out in inert nitrogen atmosphere. Sometimes specíal handling techniques 
are also required. Special solvents (completely deaerated) like tetrahydrofuran, 
dichloromethane, anhydrous alcohols are used. 

Most fascinating, however, is the role of the organic ligands which do the 
stabilisation. The ligands must possess certain special features.(1) Ligands 
should possess reducing qualities such that a low oxidation state can survive in 
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its surroundings. CO, NO, CNR, PRs, etc appear reasonable choices. (2) Bonds 
between ligands and metal ions are formed by electron donation from filled ligand 
orbitals to empty acceptor orbitals of metal ions. If the metal ion is in a high 
oxidation state, such electron donation leads to substantial charge neutralisation. 
On the contrary, if the metal ion is in a low oxidation state (+ 1,0, — 1, etc) electron 
donation from the ligand will result in accumulation of negative charge density 
on the metal. Such negative charge build-up will work against the formation · 
of low oxidation states. However ligands like CO, NO, CNR, РВ, etc have empty 
«-type orbitals (Chapter 5) which can receive back donated electron density 
from suitable filled orbitals of low oxidation state metal. Such bonding mechanism 
is synergic, that is, pushing electron derisity by the metal into the ligand. orbitals, 
makes the otherwise poor donor ligand a far better donor. Thus electron deficient 
molecules with z-orbitals available for receiving electron density will stabilise 
low oxidation states. In addition to the ligands already mentioned simple aromatics 


Table 10.10. Stabilisation of Low Oxidation States 


pans Cin Doe cu EAE LAU SS eer 
Metal Oxidation State Ligands Complex 
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Сто 0 CNR [Cr(CNR)4] 
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PARRA idco EES ae e ca ту 
like benzene, toluene, dipyridyl and cyclopentadiene, ethylene, acetylene alt 
have been found to stabilise low oxidation states very effectively. Ail these organic 
ligands are electron deficient molecules so that they can receive backdonated 
electrons from low valent metals. Some examples of low oxidation state stabi- 
lisation are given in Table 10.10. 


10.16. THE USES OF COORDINATION COMPLEXES 
IN ANALYTICAL CHEMISTRY | 


10.16.1. A Brief Survey: Profound changes occur in the properties of a metal 
ion on complex formation. These changes are generally reflected. in solubility, 
colour, stability, magnetic properties etc. Some of these changes in properties 
can be used to a great advantage for analytical purposes. The applications of 
of complexes in analytical chemistry can be broadly classified under the 


following heads: 
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1. Use of insoluble inner metallic complexes in gravimetric estimation: Ynner 
metallic complexes of the-first order are often insoluble in aqueous medium but 
may be quite soluble in suitable organic solvents. The formation of such chelates 
often require suitable pH range and provided such pH ranges are maintained many 
metal ions can be precipitated quantitatively from their aqueous solution and the 
metal ions estimated gravimetrically after proper drying. Some common applica- 
tions include estimation of nickel (II) as red coloured bis (dimethylglyoximato) 
nickel (II) (10-XX) in slightly ammoniacal medium, of aluminium (Ш) as yellow 
coloured tris (8-hydroxyquinolinato) aluminium (III) (10-XXI) in slightly ammonia- 
cal medium, of copper (1I) as light green coloured bis (quinaldinato) copper (II) 
(10-XXII) in dilute sulphuric acid or as dull green bis (salicylaldoximato) copper 
(II) (10-XXIIÍ) in dilute acetic acid. Not all complexes are stable at the drying tem- 
perature (120—150°C), and such complexes are ignited to metal oxides. Examples 
are complexes of cupferron (10-XXIV), ammonium salt of N-nitroso N-phenyl- 
hydroxylamine. 


сну— 6 — С —њ 


: 2 | 
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Poor keeping qualities of cupferron and poor stability of its complexes led 
to a sustained search for a better ligand of the phenylhydroxylamine group. Out 
of these efforts came N-benzoyl-N-phenylhydroxylamine (BPHAH). This reagent 
(10-ХХУ) is more stable to heat and light, less sensitive to pH changes and further- 
more its complexes are very stable and are directly weighable. Originally proposed 
for the gravimetric estimation of Cu(II), Fe(II), ТіО(П), АКШ) it has been used, 
of late, for a variety of metal ions like Sn (II), Th(IV), Nb(V), Ta(V), Be(II) etc. 
The effective pH ranges of precipitation for copper (II) is 3.6-6.0, for iron (MI) 
3.0-5.5 and for aluminium 3.6-6.4. These precipitates have definite composition 
М(ВРНА), (М = Cu?*) and М(ВРНА), (М = AP*, Fe?*). These can be dried 
at 100°C and weighed. Beryllium (II) is precipitated at pH 5.5-6.5, dried and 
weighed as Be(BPHA),. This reagent has provided a long sought solution to the 
problem of separation of Nb and Ta. Niobium is precipitated at pH 3.5-6.5 from a 
tartrate solution and in the filtrate tantalum is precipitated after adjustment of 
pH to 1. In both these cases the precipitate is ignited to the oxide M;O; 
and weighed, 3 
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2. Solvent extraction and separation of a metal ion through complexation: 
Both iron (Ш) and aluminium (III) form first order inner complex with 8-нудгоху- 
quinoline. Whereas the tris (8-hydroxyquinolinato) iron (III) is formed over а 
wide pH range 2 to 10, the tris (8-hydroxyquinolinato) aluminium (III) is formed 
in slightly ammoniacal medium. Furthermore the iron (III) complex is readily 
soluble in chloroform. Therefore iron (III) can be separated from aluminium (Ш) 
around pH 3.0 by the addition of 8-hydroxyquinoline, followed by extraction 
with chloroform. The optical density of the chloroform extract is measured at 
470 mp, (1 mp = 10A) and iron content found out after comparing with a standard 
iron (Ш) sample. After extraction of iron, aluminium may be quantitatively esti- 
mated in the aqueous phase as tris (8-hydroxyquinolinato) aluminium (III) in 
slightly ammoniacal medium. 

3. Spectrophotometric estimation of trace quantities of metal ions:. Many 
transition metal ions form complexes which are very intensely coloured. Several 
of these intensely coloured species have extremely high absorption so that trace 
quantities of such metal ions can be accurately determined by measuring the optical 
density of the complex at optimum wave length. For example, iron (II) forms 
dark red tris (dipyridyl) iron (ЇЇ) or tris (o-phenanthroline) iron (II) complexes 
over a wide range of pH 2—9. Trace quantities (2-10 parts per million; ~ 10-* 
gm/ml) or iron (II) can thus be determined by measurement of optical density 
at 515 my. The common blood-red colouration that iron (III) develops with excess 
thiocyanate in acid medium (0.05 ~ 0.5M HNOs) contains the ion [Fe(SCN)]«°*- 
Optical density measurements can be carried out at 480 mp and compared with a 
standard. 

The above mentioned colours are due to charge transfer transitions which 
are Laporte allowed and hence are of extremely high extinction coefficients. d-d 
transitions are Laporte forbidden, are weak and hence are of little value for spectro- 
photometric estimation of metal ions. 

4. Complexometric titration: Тће sequestering effect of ethylenediamine- 
tetraacetic acid (Table 10.1) has led to the development of some most powerful 
volumetric methods of estimation of metal ions. EDTA rapidly and strongly 
complexes metal ions such as Ca?*, Mg?*, Fe?*, Cu** and so on. In order that a 
titrimetric end-point be feasible some он 


coloured dyestuff, which itself can form a OH 
complex. with the metal ion to be titrated,is ^ eg. (О) 2м=м 

chosen. Eriochrome Black T(10-XXVI) has Г OO 
a blue colour at pH 10, where Mg**, Ca?* (О) 

readily react with EDTA to form the co- aci 
lourless EDTA complexes, [Me(EDTA)]*- NO; (10-XXVI) 

or {CaEDTA Friochtone Бас, Eriocrome Black T (1 —(1-һуйгоху-2 
complex of Са?+ or Mg'* is much less naphthyl azo)-6 nitro —2 naphthol 


stable to dissociation (low stability con- —4 sulphonate) 

stant) than the metal-EDTA complex. 

Moreover the Ca?+ and Mg** complexes of the indicator dye are coloured purple 
as against the blue colour of the free indicator ion at the pH of titration (10). 
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The Ca?/Mg?* solution is buffered to pH 10, а few drops of the indicator dye 
added and the solution titrated with a standard solution of the disodium salt of 
EDTA. The EDTA first complexes the free Ca?*/Mg?* available in the solution 
and then with the Ca?+/Mg?* complex of the indicator dye. Finally the free dye is 
released, the endpoint being marked by a change from purple to blue. Such com- 
plexomettic titrations have made water hardness titrations an easy affair com- 
pared to the old and laborious palmitate titrations. 

5. Use of organic ‘sequestering agents in removal of interference in gravimetric 
estimations: An organic ligand may react with more than one metal ion to form 
sparingly soluble precipitates. In such cases direct estimation of a particular metal 
ion in the presence of interfering ions is not feasible. A strong sequestering agent 
like EDTA has been of immense value in rendering the interfering ions ineffective, 
and making the precipitating organic ligand nearly specific for a particular ion. 

Benzimidazole forms an insoluble silver salt (10-ХХУП) in ammoniacal 
medium, which is granular, readily filterable and insensitive to light. Unfortunately 


Og 4- бо 


Jp 
(10-XXVI . | Ag 


the organic ligand also offers iusoluble precipitates with many other ions like 
Cu?*, Ni**, Co?*, Cd**, etc in ammoniaca! medium. But in the presence of EDTA 
these interfering ions form highly stable and soluble EDTA-complexes, and become 
indifferent to benzimidazole. Silver however still continues to be precipitated 
quantitatively. 

In the presence of EDTA, beryllium may be precipitated: with ammonia in 
presence of aluminium, bismuth, cadmium, chromium, cobalt, copper, iron, 
lead, manganese, nickel, zinc aud small amounts of vanadium. Titanium interferes 
and must be removed. « 

6. Qualitative detection ој metal ions: The basis of qualitative detection of 
metal ions is the quantitative reactions of such ions. Common examples of qualita- 
tive detection of metal ions by way of complexation reactions include detection of 
nickel (II) in group IIB as red coloured bis (dimethylglyoximato) nickel (1I), of 
cobalt (П) in group IIB as blue coloured tetrakis (isothiocyanato) cobalt (II), 
[Co(NCS);]*", of copper (II) in group ПА as blue coloured tetrammine copper (ЇЇ), 
[Cu(NH;)]2*, of iron (Ш) in group ША as blood red hexakis (isothiocyanato) 
iron (ЇЙ), [Fe(NCS);]?- etc. 


10.16.2. Complexometric Titration: Complexometric titrations (also called chela- 
tometric titrations or chelometric titrations) are those titrations in which а metal 
‘ion is determined titrimetrically by way of complex formation with a strong multi- 
dentate chelating ligand. 

In complexometric titrations an organic dye is used as metal indicator such 
that the metal-dye complex has a colour different from the colour of the free dye; 
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As the complexometric ligand reacts with the last small amount of the metal-dye 
complex it displaces the bound dye ligand from the metal-dye complex and the 
end point is marked by a change from the colour of the metal-dye complex to that 
of the metal indicator. 

Stability Constant of the Metal Complex: Complexometric titration is made 
possible because of the fact that a metal complex of a multidentate ligand is extre- 
mely stable to dissociation i.e. it has а high stability constant. A chelating ligand 
imparts extra stability to a complex due to chelate effect. The greater the number 

.of points of attachments of a ligand the greater will be its chelate effect. Ethylene- 
diamine tetraacetic acid (EDTAH, or HyY) (Table 10.1) and other amino poly- 
carboxylic acids are extremely suitable as complexometric ligands because these 
ligands can offer six points of attachments to a metal ion at a time in a single step. 
If we were to use ethylenediamine as a complexometric ligand the six coordination 
points of a metal ion would have been satisfied in three steps so that the resulting 
complex would have a far greater scope of dissociation. A comparison of the 
stability constants of metal —EDTA. and metal-en complexes is thus instructive 
(Table 10.7). In some complexes eg: Cu?*/Ni** complexes log K values of the 
EDTA complexes are close to the overall log K values of the en complexes but 
we have to remember that the latter complexes are not generated in a single step. 
Thus the basic requirements of a complexometric titration are that the rhetal 
aud the complexometric ligand must react in a single step to satisfy all the coordina- 
tion points of the metal ion and that the reaction must be fast enough to make a 
titrimetric estimation feasible. 

HyY < H,Y*- + 2H*; M*?* + Н? e MY?- + 2H* 
[МҮФ@-9+] 

Metal (Metallochromic) Indicators: Metal indicators are organic dye ligands 
which help in ascertaining the end point of a complexometric tiration by changing 
colour from that of the metal-dye complex to that of the free dye. The metal-indi- 
cator ligand must form a suitably coloured complex at the same pH where the 
metal ion also prefers to complex with the chelometric ligand. Taking the example 
of Eriochrome Black T (10—XXVI) (H;D^) the following equilibria are known 
to occur: 


Mit + У = MYa-9* ; К = 


муљ ДИНО Мотиви Os me nope 
Ми = 53-73 10.5-12.5 
red ! blue orange yellow 


The dye is written as Нар“ because the sulphonic acid proton is readily dissociated. 
Many metal ions eg: Са“, Mg?* react with this dye in NH,CI—-NH;OH buffer 
(pH. 11) to form red or purple red 1:1 metal-dye complex. The colour is very 
intense, as low as  10-*M Mg?*/Ca?* solution giving distinct colouration. 
[MD] 


Mis} De МО-;К = тушр 
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"This metal-dye complex will react with EDTA as: 
MD- + Y*- МҮ?- + 0°- 

The requirements of a good metal-indicator are the following: (1) It must form 
with the metal ton a complex of reasonable stability, else the colour develop- 
ment will be poor due to dissociation. But the stability of the metal indicator 
complex has to be low compared to that of metal-EDTA complex. (2) The colour 
reaction should be specific or at least selective. (3) There should be a good 
contrast between the colour of the free indicator and the metal-indicator complex. 
(4) The indicator should meet these requirements at the pH of the complexo- 
metric titration. 

Types of Complexometric Titrations: (1) Direct titrations are suitable for 
those metal ions whose reactions with the complexometric ligands are fast enough 
and for which good metal-indicators are available. Mg**, Ca**, Zn**, Mn**, 
ми, Cu** belong to this class. (2) Back titrations ate applied to those metal ions 
which react with complexometric ligands rather slowly. Chromium (IH) is an 
example of this class. Excess standard EDTA is added to a chromium (Ш) solution, 
the solution boiled for sometime and the excess EDTA back titrated with a standard 
Ме: + solution. Back titration is also preferred when there is no suitable indicator 
for the metal ion to be titrated. : 

(3) Substitution titrations are employed for those metals which do not give 
à reasonable colour with an indicator at the finish of the titration. In such a case 
either (а) a metal-EDTA coniplex which is weaker than the EDTA complex of 
the metal to be determined is used or (5) a suitable metal complex such as 
[Ni(CN),E- is employed which reacts with the metal ion to be determined. In 
case (а) Mg-EDTA is generally employed: 

Me?+ + MgY?- = MeY?- + Ма" 
The equivalent amount of Mg** is then titrated with standard EDTA. For. case 
(b) titrimetric determination of silver (I) forms an example: 
[N(CN),?- + 2Ag* = 2[Ag(CN)2]~ + Ni?* 
The liberated Ni?* is then estimated with EDTA. 

(4) Indirect Titrations are employed for estimations of anions. Phosphate 
may be precipitated as МЕМНАРО,. This precipitate is collected, dissolved in 
acid, measured excess of standard EDTA added and pH adjusted to — 11. The 
excess EDTA is then titrated with a standard Mg** solution using Eriochrome 
Black T. Similarly sulphate is precipitated as BaSO,, which is dissolved in excess 
EDTA and the excess EDTA is back titrated with standard Mg?*. 

Same Typical Complexometric Estimations: Disodium dihydrogen ethylene- 
diamine tetraacetate Na,H,Y.2H,O is a primary standard. The reagent is dried 
at ~ 90°C where its dihydrate character is retained. А 0.1M solution contains 
37.225 gm of the dihydrate per litre. EDTA solution should not be stored in glass 
equipment for prolonged period as it attacks soft glass dissolving out considerable 
amounts of cations present in soft glass. Polythene bottles are suitable for storing 

` purpose. 
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1. Total hardness of water: Total hardness is due to dissolved calcium and 
magnesium salts. To 50 ml of such water is added 1 ml NH,CI—NH,OH buffer 
of pH 11 followed by 4-5 drops of Eriochrome Black T (0.4 % solution in methanol). 
The hard water is now titrated with 0.01 М standard EDTA till the colour changes 
from purple red to blue. Total hardness is/éxpressed in parts of CaCO, per million 
of water: i 


1 ml of 0.01M EDTA = 1.000 mg of СаСО,. 


2. Determination of Calcium and Magnesium їп а mixture: In an aliquot the 
total magnesium and calcium are determined by EDTA titration using Eriochrome 
Black T as indicator. In another aliquot enough diethylamine base is added to 
precipitate magnesium quantitatively as Mg(OH), and then 5 drops of calcon 
indicator (10-XXVIII) are added. The solution is titrated with EDTA till the colour 
changes from pink to blue. 

Calcon, sodium 1-(2-hydroxy l-naphthylazo)-2-naphthol-4 sulphonate, has 
a wider pH range of colour change: 


р. рН 
HD- == HD?- === pe- 
7-8 13-13.5 
pink blue ` pink 
ү он он 
Calcon thus maintains its blue . 
‘un-metallised’ colour to рН 13 (O) N=N (O) 503Ма 
which is in contrast to pH 11 offered (O) (O) 
by Eriochrome Black T. Thus 
magnesium can be thrown out of (10- Xxvin) 
solution by raising the pH, and then аа 
HN ч ч, aic or 50! rom r! ue 
суса alone can be determined болшн de dtola PRS 
complexometr ically. azo)-2 naphthol-4-sulphonate 


10.17. THE USES OF COORDINATION COMPLEXES 
IN INDUSTRY AND MEDICINE н 


(a) Electroplating: In order to achieve a fine grain deposit the concentration 
of the free metal ion in the electrolytic bath should be reduced to a small. extent. 
For the electrodeposition of copper, silver, cadmium potassium cyanide is used as 
the complexing agent in the bath. The cyano complexes are little dissociated so 
that a fine grain deposit is obtained at the cathode. 

(b) Water Treatment: Hard water does a lot of harm in industrial boilers and 


other equipments. EDTA addition is a very effective means of removing scale | 


formation in boilers etc. 
(c) Metallic nickel readily reacts with CO at about 50°C to form the complex 
[МІ «— CO),]. This volatile complex readily decomposes around 200°C to give 


a very pure variety of nickel. This method is made use of in obtaining nickel free 


from traces of cobalt. 
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Medicinal Use: (a) In acute cases of lead poisoning intravenous injection | 
of CaNa, EDTA is given to the patient. This results in rapid excretion of lead— у 
EDTA complex in the urine. Since EDTA is 
not readily metabolised most of the calcium— 


се EDTA appears also in the urine. (b) Wilson's 
HS-—C—CH, disease is a disorder of the liver which leads to 
fpe Teas malfunctioning of the central nervous system. 
H.N Shoes This disease is due to a deficiency of copper _ 
H protein in the liver. Free copper ion accumu- | Y 
(penicillamine) lates in the liver due to a lack of copper spe- 
(10-XXTX) cific ceruloplasmin. The excess and undesirable 


copper (ЇЇ) is removed by administering the 17 
complexing ligand penicillamine Copper (ЇЇ) forms a soluble complex via 1 
coordination with sulphur, nitrogen and oxygen donors of penicillamine. 


10.18. DETECTION AND STRUCTURE DETERMINATION 
OF COMPLEXES 


Had Werner been living he would have surely envied today’s coordination 
chemists. The great Werner had merely two tools, conductivity and optical rota- 
tion and of course his own genius to help him see the light in the bewilderingly — 
complex world of coordination compounds. Today’s coordination chemists for- | 
tunately can cast their nets far and wide to detect and determine tbe structure 
of complexes. Some of these methods involve very complicated theory and complex 
experimental techniques. Some of the simpler methods are now pointed out. 

1. Solubility: Complex formation is often indicated by abnormal solubility 
behaviour, For example, addition of 8-hydroxyquinoline (oxinH) to aluminium 
ion produces an insoluble precipitate of [Al(oxin),] or addition of ammonia to 
insoluble silver chloride provides very soluble [Ag(NH3);] +- 

2. Colour: Transition metal complexes involve a change in d-orbital ordering. ^ 
Low energy transitions from tag to ёз (for octahedral complexes) or from etot 
(tetrahedral complexes) occur in such complexes. These transitions develop typical 
colours, the absorptions being in the visible range of the spectrum. A colour change 
is generally an indication of complexation. For example, addition of ammonia 
to tetraaquo copper (II) ion leads to an intense blue colour due to the formation of 
[Cu(NH;),]?*. Replacement of weaker donor H,O by a stronger donor NH, shifts 
the absorption band to higher energy (lower wave length) from ~ 8000 A to 
— 6000 A. A detailed study of the optical spectrum often fixes the stereochemistry _ 
exactly (Chapter 11). H 

3. Magnetic Susceptibility: A measurement of the magnetic susceptibility b 
sometimes indicates the formation of a complex alongwith the nature of the bond- | 
ing and stereochemistry. For example, bis (dimethylglyoximato) nickel (Ш) and - 
bis (biguanide) nickel (II) are both diamagnetic indicating a four coordinate square _ 
planar structure whereas M;[NiCh] complex is paramagnetic (~ 3.9 B.M.) exhibit 
ing a tetrahedral structure. 
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4. Conductance measurements: Conductivity of [Co(NO )(em;] X is that 
of a uni-univalent electrolyte’ This means that the two univalent, monodentate 
nitro groups are inside the compléx zone. The presence of X- as an anion can be 
easily detected by suitabl: ch2mical tests. Non-elzctrolytic behaviour of [Pt(NH;); 
Cl,] shows the two chloride ions are also bound to platinum. 

5. pH measurements: Salicylic acid is a weak acid but in presence of a com- 
plexing metal ion enough H+ ons will be released in solution to make the solution 
substantially acidic. Quantitative measurements of such H+ ion liberation, in fact, 
provide an evaluation of theystability constant of tlie metal complexes. 

There аге many’ other techniques such as dipole moment measurements 
(Chapter 5), infrared spectra) пис1гаг magnetic resonance, electron spin resonance 
etc. which also may furnish valuable informations on the structure of the complex. 
We prefer for obvious reasóns not to discuss these techniques in this text. 


10.19. METAL COMPLEXES IN LIVING SYSTEMS 


Metal chelates play vital role in living systems. The green colouring matter 
of plants, called chlorophyll, is a planar complex of Маг“ with four nitrogen 
sitting at the four corners of a square plane (10-XXX). The N, unit forms a part 


CH; сн==сн, 
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10-XXX. Structure of chlorophyll 


of 16-membered natural macrocycle. Chlorophyll serves as a catalyst in the photo- 
synthetic conversion of CO, to carbohydrates within the cells of green plants. 
Chlorophyll is instrumental in the syntheses of glucose from CO, and H,O by 
the green plant via a'series of very complicated reactions. Chlorophyll absorbs 
red light (of about 700 nm). This excites the molecule for a series of redox reactions. 
A very crude description is that H,O is split up into a very reducing form об 
hydrogen. This reacts with atmospheric CO and produces glucose and water: 


26,0 — 2H; (highly reducing) + Oe 
600, + 6H; > CoH 1200 + 302 
Hemoglobin. the’ pigment that imparts red colour to the human blood, is 


porphyrin complex of ferrous iron ( 10-XXX1) being coordinated to four nitrogen 


17 
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atoms and additionally coordinated to a water molecule. The water molecule 
appears to be replaceable reversibly by a molecule of oxygen to give oxyhemoglobin: 


Hemoglobin + О; = Oxyhemoglobin + H,O. 


| 
HO—C-CHzCH; CH; 


OH HC m CH 


N—FR—N, | 


4 | | 1—-сн=Сн; 
HC CH 


H,C=CH CH; 
10-XXXI ете: iron porphyrin complex 


Thif equilibrium can be shifted either way by a change of pressure of oxygen. 
In human lüngs blood is saturated with air and the hemoglobin is completely 
changed to the oxyhemoglobin firm. As the blood runs through the arteries to 
the tissues the oxygen pressure dwindles and the bound oxygen liberated. This 
free oxygen is used in the combustion of food. By this reversible process hemo- 
globin serves as an oxygen carries. It is of vital importance to know that strong 
field ligands like CO or CN- can readily displace oxygen from oxyhemoglobin. 
This leads to stoppage òf flow of oxygen to the tissues —ultimately causing paralysis 
or even death. 


STUDY QUESTIONS 


1. Which of the following ions or compounds can serve as ligands in complexes? Which 
ones can serve as monodentate, bidentate or as monodentate and bidenatate both? (C,H;))sP, 
(CHPO, Cl~, (CH;);P—CH;—CH;--P(C Hj) ВЕ» F,B.NH;. 

Can any of these function as bridgir > ligands? 

2. How would you proceed to estabush the formulations given to the following compounds? 

{Co(NH,),] С, [Pt CI(NH;);], PENH] [PtCI;], [Co(en),(acac)]Cl. 

3, Assuming monomeric and also dimeric formulations what different types of isomerism 
are possible in the following cases: 


КРин) САРИН, - CH; СОО) ]; PINH, — CH, СН. NHj(NH;— CH; COO) 
[Co(NH3)s (NO)] (40). 


4. Can [Co(NH,—CH;— COO),] exist in enantiomeric forms? If so, can you apply the 
diastereoisomeric method for the separation of the enantiomers? 


5. Normally asymmetry should not appear in a tetrahedral complex unless all four groups 
ave different. But bis (salicylaldehydato) boron, a tetrahedral complex shows optical activity. 
Comment. What will happen if we replace salicylaldehydato group by a catecholato group? 


6. You are supplied with a sufficient amount of a sample said to be [Co(NO;).(en);]Cl. What 
experiments would you like to perform to establish completely its identity? 
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7. Examine with the help of the shapes of d-orbitals the relative ordering of the orbitals 
on making a tetragonal distoMion of an octahedral complex ultimately leading to a square planar 
complex. 

8. List the isomers which may exist for the following: [Со(еп), (NH;)CI]**; [Cr(NCS)'7; 
[Ni(en)*. і 

9. (а) Write the systematic names for the following: 

ICr(NH3CI]CI; JPt(NH;)en}** [Co(ox))]*7; KICo(EDTA)] 
(b) Give the valence bond and crystai field descriptions of [Cu(NH;)J**, [Fe(CN).}*~, 
[FeCl,]- and [Co(NH3;*. 

10, Guess the probable explanation Гог the formulas of two common sulphates of copper (II) 
and nickel (II) being CuSO, 5H,0 and МО, 7H,0. 

11. Why is the colour of [Cu(NH3),]* different from that of [Cu(H,0),]**? 

12. Isomerism of hexahydrated chromic chloride depends on the difference in the mode of 
linking of the molecules ofvwater. Do you agree entirely? 

13. Define and give examples of (a) complex ion (4) central atom (c) ligand (d) coordination 
number (e) coordination sphere. 

14, Define a metal chelate complex. Discuss some applications of metal chelates. How would 
you classify chelate complexes? 

15. A polydentate liganal may not use all its doner centres for complexation, Comment. 

16. Sketch a few сотпіоп techniques of detecting formation of complex species. 

17. How would you proceed to distinguish between cis.and trans isomers of a complex? 

18. Ka[NiF,] is diamagnetic while Ks[CoF,] is paramagnetic. Both nickel (IV) arid cobalt (Ш) 
are d* systems. How would you explain the difference in magnetic behaviour? 

19. Discuss the origin of colour in metal complexes. 

20, Discuss the usefulness of CFSE in explaining many behaviours of transition metal 
. complexes. n 

21. Give a concise account of complexometric titration, Explain in this context why ethylene- 
diamine cannot serve as a complexometric titrant although it is a strong field ligand. 

22. Present a concise &ccount of Jahn Teller effect in transition metal complexes in octahedral 
and tetrahedral geometries. Can similar effect occur in filled 22 complexes? 

23. “Splitting of the d opbitals is dependent on the stereochemistry of the complex." —Discuss. 

24. Explain why Ti** form coloured aqueous solution while Ti* gives colourless solution. 

25. What is formation constant? On what factors does it depend ? 
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Magnetochemistry 


Behaviour of inorganic chemicals in an applied magnetic field has provided 
important clues to our understanding of the nature of bonding, valence and. stereo- 
chemistry of such substances. Whereas the details and finer aspects of this branch 
are very complex, only a broad outline of the background principles can be attemp- 
ted here. 


11.1. DEFINIT IONS 


: Pole Strength: A unit pole is defined as а pole which when placed in vacuo 
one cm. away from another unit pole repels or attracts it with a force of one dyne. 
Intensity of a Magnetic Field ; A magnetic field is said to have unit intensity 
ata pointif it exerts a force of one dyne ona unit pole placed at that point. Inten- 
sity is also expressed in terms of the number of lines of force per square cm. There- 
fore ғ. magnetic field has a unit intensity if one unit line of force passes through 
1 sq. cm. | 
Intensity of magnetisation: This is defined as the pole strength induced per 
unit area. Taking т as the pole strength induced over an area A and / as the length 
of a magnetic dipole: 


Jus mou m e magnetic moment 
„`4 Al volume 


Gauss’s Law and Magnetic Induction: Consider a unit, pole at the centre of | 
a sphere of 1 cm radius (surface area — 4r sq. cm). By definition it will act upon 
another unit pole anywhere on the surface of the sphere with a force of 1 dyne 
i.e. will generate a unit magnetic field all over the surface. Since a magnetic field _ 
of unit intensity gives unit line of force per sq. cm. it follows that 4« lines of force 
will emanate from a unit pole. Gauss’s law states that the magnetic induction over а 
closed surface is 4 times the pole enclosed. Tite total magnetic induction, B, i5: 
В = H + 4r X pole strength per unit area 1 
„= H+ 4т Twhere Н == strength of the applied field. B represents the | 
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total number of lines of force across a unit surface of the material which has been 
subjected to Н lines of force due to the imposed ficld. 
Magnetic Permeability, P, is given by: 


where к is called the magnetic susceptibility per unit volume. Intensity of magne- 
tisation induced in a substance is proportional to the strength of the applied field 
H.loH :1 = кН; 7. к = ЦИ so that к may also be viewed as a proportionality 
constant. Thus « tells us how susceptible a substance is to induced magnetisation. 
When к = 0, P becomes equal to 1. P and к may he considered dimensionless. 
P is the ratio of the density of lines of force within the body to the density of lines 
of force in a vacuum. 

Gram Susceptibility, xg, is equal to к/р where р is the density. 

The molar susceptibility is given by хм = Xo X М, where M is the molecular 
weight of the substance. , 

Magnetic Moment: When a field H acts on a magnetic dipols М—5 of length 
1 and pole strength m, its N and 5 poles will experience a force of + mH and 
—mH (Fig. 11.1). These two equal buf opposite forces 
constitute a couple, the turning moment of which is 
given by the product of force and distance. Turning 
moment = mH x РМ = mH l sin 0 = пин sin 

=pH sin 0. The quantity p = ml defines the 

magnetic moment and serves as a measure ofthe turn- 
ing effect, This is by far the most important quantity 
used in magnetochemistry. The magnetic susceptibility 
(ум) of a sample is experimentally determined and 
is converted to the magnetic moment. The deter- 
mined moment is then compared with the theore- Fio, 11]. Forces on a mag- 
tically predicted moment values and important con- nae dipole Seu аи 
clusions are drawn with regard to valence, structure effect. 
and bonding of the central metal ion in a compound. 


11.2. CLASSIFICATION OF MAGNETIC SUBSTANCES 


When «or x is negative, permeability of a body is less than unity. A reduction 
of lines of force of the applied field H occurs inside such a body and it moves to 
regions of lowest field strength. Such a body is called diamagnetic (Fig. 11.2). 
When « or x is positive permeability is greater than unity. The lines of force of the 
applied field H tend to concentrate inside the substance and the substance tends to 
move into regions of highest field strength. Such a body is called paramagnetic, 
When к or x is zero, permeability is unity and the lines of force pass through а 


vacuum. ` 
Ferromagnetic substances have their permeability very much greater than 
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unity. Antiferromagnetics have their x values much lower than those of the usual 


paramagnetics. 


үти ачылалы 


пене течни 
RH ERAI cA ЛАБЫ a ME а 


Епа, 11.2. Diamagnetic substance 


in a magnetic field 


Fic. 11.3. Paramagnetic substance 
in a magnetic field 


А magnetically dilute substance is опе wherein the individual paramagnetic 
centres in crystal lattice are sufficiently apart to minimise any further magnetic 


\Ferromagnelic 


~ — 


E ДЕ 


" т— 


Fio. 11.4, Variation of xg with 
temperature (a) ferromagnetic 
(Бу normal paramagnetic (c) anti- 
ferremagnetic. Tc and Ty indicate 
the Curie temperature and the 
Neel temperature. 


interaction between near neighbours. Conversely, 
substances wliere the individual magnetic centres in 
the crystal lattice are close enough to initiate fur- 
ther magnetic interaction ate magnetically con- 
centrated. [ Ni (H,O),] Cl; is an example of a 
magnetically dilute $ystem while cupric acetate, in 
‘reality Cu,(CH,COO),.2H,O (29-Ш), is magneti- 
cally concentrated. The unpaired electrons of the 
two copper atoms are known to interact with 
-egch other. 

Table 11.1. provides a classification of the 
more important types of magnetic substances along 
with their characteristic features. The variation 
of ха with temperature for different magnetic 
bodies is shown in Fig. 11.4. 


11.3. ORIGIN OF MAGNETIC PROPERTIES 


Electrons are responsible for the magnetic behaviour of chemical substances. 
Adopting the classical particle picture of an atom, an electron is assumed to 


move around the nucleus in an 


orbit. The electron also spins around its own axis. 


The first of these motions is-comparable to the movement of electric current in a 
loop of wire, and this orbital motion therefore produces a magnetic field. The 
spinning motion also produces a magnetic effect. These magnetic effects can be 


expressed in terms of magneti 


c moments arising as if out of some small micro- 


magnets placed at the centre of the atom. 
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Table 11.1. Classification and Characteristics cf Magnetic Bodies 
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Type Caused by Magnitude of Temperature Example 
Xo & Field depen- 
dence of xg 

Diamagnetic Orbital motion small and ne- Temperature Н,, KCI, or- 
of electrons. gative independent ganic ligands 
Best percepti- ~ —1 x 10-® and field in- 
ble when the cgsunits dependent 
body has all its 
electrons pair- 
ed ie. when 
there is no per- 
manent spin 
moment. 

Paramagnetic Electrons with Smalland po- Varies inver- — [Ni(H;O);]Cls 
unpaired spin sitive sely with tem- [CoCL]2- 
ie. with result- <- 1010 10* perature. Fi- ti 
ant angular x 10-9 eld indepen- 
momentum cgs units dent 

Ferromagnetic Lattice of par- Very large Complicated: Metallic iron 
ticles withelec- and positive above a parti- 
trons having 10-*to 10* cular temper- 
parallel spin cgs units ature called 

Curie tempe- 
rature, it be- 
haves as a 
paramagnet. 
Below this 
temperature 
‚ха rapidly 
increases. 


Antiferromag- Two lattices of 

netic particles hav- 
ing spins of 
one lattice anti 
parallel to the 
spins of the 
other lattice 


a тим 


Positive and 
very small 

~0.1 to 10* x 
10-* cgs units 


Above a par- 
ticular tem- 
perature cal- 
led Neel tem- 
perature the 
substance be- 
haves as 
paramagnetic 
hut below the 
Neel tempera- 
‘ture suscep- 
fibility con- 
tinues to 
drop with 
"decrease in 


‘ * „temperature 


Qr 


KNiF,; many 
dimeric com- 

plexes of cop- 
per (Ш) and 
oxovanadium, 
ау) 


~ 
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11.4, SINGLE ELECTRON SYSTEM : ORBITAL MAGNETIC MOMENT 


An electron of charge e and mass m moving in an orbit with an average angular 
velocity à makes @/2т revolutions per second (Fig. 11.5). The strength of the cur- 
rent carried is given by e@/2m esu or e@/2nc emu where 


= c is the velocity of light. According to Ampere's theorem 
the magnetic moment, pi, of a current in a loop is given 
by the product of the current and the area of the loop. 
о T y P у 
pi = magnetic moment due to the current 
— current strength X area of the orbit 
іча. 11.5, Orbit of an со eor? 2 
electron bm x pur! = T where r7 is the mean square 


; dius of the electron orbit. This orbital magnetic moment can be conceived: of 
as the moment of a micromagnet placed at the origin *O' at right angles to the 
plane of the orbit. 

The above relation becomes more meaningful when correlated with angular 
momentum of the electron. Angular momentum of the electron about *Ó' is given 
by mvr. But у being equal to @r we have (taking the mean square radius): 

angular momentum == тог? 7 

Quantum mechanics shows that angular momentum of an electron is given 
by МАТЕ 1) h[2 where 115 the orbital (azimuthal) angular momentum quantum 
number. Thus 


h k 
mor = УГЕ Т5 л OF = VK Dus 


Qu NES (МУ eh sss 
Say eee en ШАР аас Ут 1) в 
where f is the Bohr magneton, 0.927 x 10-20 ergs /gauss. 
11.5. SINGLE ELECTRON SYSTEM : SPIN MAGNETIC MOMENT 

The ratio of orbital magnetic moment (e@r?/2c) to the orbital angular mo- 
mentum (mor T) is e/2mc. The ratio of the spin magnetic moment to the spin angular 
momentum is, due to the anomalous behaviour of spin, ејтс. 

This is twice the ratio (e/2 mc) for orbital motion. Recall that the spin angular 
momentum of an electron is.given by Vs T) 2. (Chapter 1) Then we have: 
Spin magnetic moment = (ејтс) X spin angular momentum 

zi p eh eh 
Мо на = У 35 + 1) deme = 24/s(s + те = 24/s(s +1) B 


The above results can be rewritten in the following forms: ш = gv id + 1)8 
and pa = £Vs(s + 1) Ё where g = 1 for orbital moment and g = 2 for spin 
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moment. The ‘g’ is called the gyromagaetic ratio and is the ratio of the appropriate 
magnetic moment to the eppropriate angular momentum. 


11.6. DIAMAGNETISM AND PASCAL’S CONSTANTS 


Orbital motion of the elctron introduces a magnetic field perpendicular to the 
plane of the orbit. On the application of an external magnetic field H the nature 
of the electron orbits, their tilts to the applied field and 
ihe movement of the electrons in the orbits are not altered 
but the orbits continue to rotate around the ais of the PENES 
applied field maintaining the same tilt. The applied field thus п — 
introduces an extra rotation of :ле charge, which may be „4 
viewed as an additional orbital тойоп.„ Yn éttect the orbit na 
normal describes a cone (Fig. 11.6) about the direction f, 


of H. | 


This induced motion is called a precessional motion 
(Fig. 11.6). Larmor has shown that thís precessional motion 


1 eH А Fic. 11.6. Precession of 
has a velocity ame It is at once apparent that such pre- an electron orbit about 


cessional motion will ccàse to occur in the absence of H. the direction of H. 


This motion will generate a magngtic field in opposition UE 
to the applied field H and in addition to the possible orbital and spin effects , 


of the electron. Thus, the diamagnetic moment becomes: 1 
Aus e (precessional angular velocity) (precessional radius)? 
2 EE 2c 
E ERA eS енгі 
= ОС, Ame. 


where F; is the mean square.radius of the precessional orbit perpendicular to the 


direction of H. If the electron has the coordinates x, y, z, then Y E: Ху + БЕ 
Taking the xy plane, that is the plane obtained by the projection of the orbit 
perpeadicular to the direction of H, z can be neglected;so that: . 


п = ну = i 


Similar mean square radius value will be obtained for other possible orientations. 


eH xu eH 
Ав = да MUT оу 


In the case of a multielectron atom гӯ is replaced by Хг? 


à = 
For а gram atom, Apa = -N Oi (N is Avogadro number) 


magnetic moment _ Анау = molar volume) 


Now recall J = SOS 
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Bon Ж d Ad + T 
MM deu сакан А. H * 
Дн x yu DPA, LN е x 


~ —2.83 x 100 Z r* 
The following points аге to be појед: 
1. The negative sign indicates that diamagnetism is an induced phenomenon 
and acts in opposition tothe applied field. 
2. It is an inherent, universal property of all chemical substances. 
. Diamagnetism is independent of temperature aid field strength. H and T 
do not appear in the susceptibility equation. у 
4. The radii of the electron urbits decide the magnjtyde so that the larger 
the orbit size the bigger the diamagnetism. 


~ 


Pascal derived from measurements of diamagnetic susceptibilities of а very 

large number of organic substandes the following empirical equation: 

хм (dia) = Хпаха (dia) + ХА 
where-z4 is the number of A atoms of gram atdimic susceptibility ха that consti- 
tute the molecule. А is a constitutive correction that empirically takes into account 
the pature of the bonds and atarss present in the molecule. x4 and А аге called 
Paséal’s constants. 

Pascal could sense that diamagnetism possibly originates from two sources: 
one being the atoms of the elergents (giving X4) and the other being the type of 
bonding between the atoms (giving A). He also realised that different constitutional 
corrections for different types of bonding were to be used. The evaluation of г? 
in a compound is insuperable. Pascal has solved the problem by giving it an empiri- 
cal bias, Consider the following experimental data of Pascal : 


ethyl acetate, CH,COOC,H, Хаа = — 57.5 x 1075 } 178 
ethyl chloroacetate, CH,CICOOC,H; = —75.3 a 
acetone, CH,COCH, = —35.1 179 
chloroacetone, CH;CICOCH, = —530 } mr 
‘benzene, C,H, = — 57.4 

trichlorobenzene, C,H,Cl, = —110.9 } OU 


The mean difference, —17.85 x 10-6, represents the difference arising as a result 
of substitution of one H by a Cl. Taking x4 of chlorine as —20.95 x 10-* Pascal 
obtained x4 of hydrogen as —3.1 x 10-6. Pascal’s original values have undergone 
slight correction due to revision of the susceptibility datum of his calibrant 
water. Using Pascal's constants the diamagnetic susceptibility of acetylacetone 
is calculated as — 50.8 x 10-9 cgs units while the experimental value is 
—52.0 x 10-*. 

In order to compute the susceptibility (and also the moment) of а рага- 
magnetic substance, the diamagnetic effect of the associated groups or ions is to 

LI 


- 
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be added as a correction. Pascal’s constants are of invaluable aid in making such 
correction, an independent measuremen: on the groups or ions being unnecessary. 
In the field of coordination complexes, often syntheses of otherwise untractable 
ligands are realised in the form of transition metal complexes only. In such cases, 
diamagnetic correction cannot be made by actual measurements on the ligands, 
and Pascal's constants are the only solutions to the problem. 


11.7. MULTIELECTRON SYSTEMS 


11.7.4. Coupling Schemes and Ground Terms : It kas been noted in single elec- 
tron system that paramagnetism arises out of orbital and/or spin angular momenta. 
In multielectron system it is therefore imperative that one knows the resultant 
angular momenta of the system. 

The orbital angular quantum number, /, can take up any integral value from 
0 to (0—1) where л is the principal quantuin number. A particular value of / is 
‘associated with an orbital angular momentum vector, Ё, such that 1= VIF 1) 
= This vector can assume 2/ + 1 orientations in space. If a particular direction 
is specified, for instance the direction of an applied magnetic field, the projections 
of J in the direction of the “44 may have values + | to—1. These projection values 
аге the magnetic quantum, numbers т. 

Similarly the spin quantum number, 5, is associated with a vector s, where 


з = Уа F Res The value of s is always 3 and single electron m, values will 


be either + 4 or —} being parallel or antiparallel to the applied magnetic field. 

Orbital angular momentum vectors, 1 of individual electrons can couple 
to give a resultant vector L, The angular momentum vector of an electron is per- 
pendicular to the plane of rotation of the electron and the direction follows from 
a right handed. screw motion (Chapter 1). Electrons have their planes of motion 
inclined to each other. The vectors of the individual electrons precess about а 
common axis while maintaining their mutual inclination and thus giving the 
resultant vector L (Fig. 11.7). In order to keep electrostatic repulsions аб а mini- 
mum electrons (епа to stay on opposite sides of the nucleus and also tend to rotate 
about the nucleus in the same direction. This leads to a maximisation of 
the resultant L vector. 

Similarly the individual spin vectors, s; of electrons can also couple to give 
rise to a resultant spin vector, S. These orbital and spin resultant vectors L and 
S can again couple (via the magnetic dipoles they induce) to give a resultant 
vector J. This L-S coupling is also know as Russell Saunders coupling : 


(уза. ) (055.2) = (5) = Ј 
The strengths of the various couplings follow the order : 
` oss» hh > SL : 
Another coupling scheme involves the-coupling of the spin and orbital vectors of 
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individual electrons (j vectors), being followed by a coupling of the individual 
ў vectors. This is called jj coupling but this is of little importance for our purpose. 

Each of these vectors has associated with it a quantum number. Theresultant 
quantum numbers can have values varying by integral steps between themaximum 
and minimum resultants, and this will be true for both or- 
bital and spin quantum numbers. Thus coupling of the 
orbital quantum numbers /, = 1 and l, = 2 of two elec- 
trons can give resultant values 3, 2 and 1, these being the 
values of L permitted to vary between l, + 1, = 3 and 
lj—l, = 1. If two electrons have their spin quantum num- 
bers as 1 and + then the resultant spin quantum number 
can assume values 0 or 1. A multielectron system is desig- 
nated by certain symbols S, P, D, F, G, H, etc. standing 
for the multielectron L values of 0, 1, 2, 3, 4, 5, etc respec- 

Fig. 11.7, Caugliag tively. Such symbols carry a left hand superscript designa- 
of Г vectors tingthe spin multiplicity 25 + 1 and a right hand subscr- 
ipt giving the J value. 

Spin multiplicity signifies the number of ways the spins (i.e. Ms) can be 
arranged. Thus a 2-electron system can be arranged in three ways to have Ms = 
+ 1, 0, —1. Note that the spin multiplicity is also 3 = Q--3)--1). Thus the 
number of orientations of the spin vectors in a magnetic field is indicated by 2S + 1. 
The multielectron Z and multielectron S can couple to give further resultants, 
again varying in integral steps between |L + 5 | апа | 2—5 |. Thus L = 3 
and S = 1 can couple to give J values 4, 3 and 2. А particular pair of L and S 
gives a term, that is, defines a particular energy state. The °F, term indicates that 
this multielectron system has a spin multiplicity 3(— 2 unpaired electrons) and a 
multielectron L value 3. Furthermore of the possible J values (4, 3 and 2), the 
3F, term is the one with J = 2. A multielectron system can give rise to a large 
number of terms. The following rules due to Hund help in deciding the lowest 
energy ground state of the multielectron system : у 


1. The ground state will always have the highest value of the spin multiplicity. 
This rule leads to minimisation of interelectronic repulsion. Electrons 
hate to share orbitals. 


2. When several terms with the same spin multiplicity are possible the one 
witk the largest L value will be the -ground state. In order to minimise 
repulsive effects electrons tend to move in the orbits in the same direction. 
Vector addition of Га therefore leads to maximisation of L (examine 
Fig. 11.7). 


ш 


. For а half filled or less than half filled shell, the lowest J forms the ground 
state, and for a more than half filled shell, the highest J forms the ground 
state. This rule follows from hole equivalency theorem to be discussed 
shortly. 
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Let us take an example, say а d* ion, to see how the ground state term is 
determined. Note first that the lower lying 5 and p orbitals of the ion are all filled. 
It is easily shown that all filled shells have m= 1 0 -—l 
Zero orbital and spin momenta and hence 
no paramagnetic moments. A p level has К 1 4 t 
1 = 1, so that т can have values + 1, 0 and ms = 4 | 
—1. So, of the six p electrons, two have Краш аса АША, 

m, = + 1, two havem; = 0 апа two have ms = —} | | { | { 
"nj = —1. Thus we get Im = Мі = 0 ———— 

which means that the resultant L is also zero» 

Again, three electrons have та = +4 and the other three have та = —} so 
that M, = 0 which means 5 is also zero. Thus а filled shell or subshell carries no 
paramagnetism. 3 5 

Allowing the highest spin multiplicity subject to Pauli principle, the three d 
electrons (with | = 2) can be arranged one each in the orbitals m; — 2, m; — 1 
and m; = 0 so as to get the highest Mr, = 3, that is, the highest L value 3. Note 
other arrangements will give lower Mr and lower L. The ground state will have 
4 maximum number of unpaired electrons, that is, a spin quantum number $ which 
means а spin multiplicity of 4. Therefore the ground state has L = 33nd 5 = iJ 
can have values $, $, 4 and 5. Since d? configuration is less than half filied the 
lowest J — $ will be the ground state and hence the full ground state symbol 
is 4F,/,. Table 11.2 gives the ground state symbols of 3d” configurations. 


Table 11.2. Ground Terms for 3d" Configurations 


TADO opc rar TR HEU Ru ла em termin 
m = 0 - —2 Мі M; Ground ferm 
за 1 ЖЕЛДЕН: зри, 
за? 1 1 3 ! аР, 
34% ї 1 1 3 1 ка а 
За“ t t t t 2 2 Do 
34° | t t t 1 9 $ Sela 
34% { 1 t | t 2 2 5р, 
за" 1 1 t t { 3 i 2 
3d* pon ea o NU ERIS 23 °F 
34° ү | 1 1 t 2 i Dija 


11.7.2. Derivation of Russell Saunders Terms : We examine the case of carbon 
atom which has the ground state electronic configuration: 


i ју a t 


1s 2s * 2р= 2py 2р: 
Since both the 15 and 25 levels are saturated their L = Qand 5 = 0, So the case 
of carbon atom is one of a p? configuration. Ap electron has! = 1 so that each 
of the two p electrons has nu values 41,0, —1. Each p electron has л value 
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of + 3 or —}. We have now to consider all the possible combinations of т» 
and түз: : 

М, = =m, and Мі = Em Р 
А symbol 1+ means we have an electron whose m; is + 1 and ms is + 1. Taking 
the ту and mg values of the first electron we can write the following six arrange- 
ments: 1+, 17, 0+, 07, —1* and —1-. Similar six arrgngements are possible for 
the second electron also. Of a total of 6 х 6 = 36 arrangements the six sets 
(1*, 1+), (L^, 17), (0+, 0), (0.0), (—1*, —1%), (—155:—1-) are not Pauli per- 
mitted. Of the remaining 30 half become physically ree andant since sets (1*, 17) 
and (17, 1*) cannot be distinguished. Finally 15 distir?'t arrangements of m and 
m, known as microstates remain (Table 11.3). Note bat the microstates in the 
column of М, == 1 just change sign of their spins in the column of М, = —1. 
Му = 2 means that the multielectron L has to be 2. Had L been 3, Му, would 


Table 11.3. Microstates for p? configurations: 


2 


| M, 1 0 == 
Mi d fe 
БАШЫДА OA ара Ty аа аа ORAE 
2 (4,15) 
1 (15,07) (12,07), (17, 0+) (17,07) 
0 —(15—1*) Се 12у 1202919) (1-359 
(0*,0-) 
Zi (—1+, 0+) (—1+, 0-), (—1-, 0*) (1507) 
-2 Cis) 


have varied from + 3 to —3. When L = 2, Mr varies + 2 to —2. With Mr =2 
~ in this p? case М, value of the microstate is 0 so that 5 = 0 ie 2$ +1 = 1. 
Therefore 1D symbol will cover five microstates. It does not matter which five 
microstates we take so long as these microstates have М, = 0 and Mr = +2, 
+ 1,0, — 1 and —2. Now take the case of М, = land Ms = 1 which orginates 
from L = 1 and 5 = 1 ie.a?P term. L = 1 means М = + 1, 0, —1 and 
S = 1 means M, = + 1,0, —1. Therefore a total of nine microstates are covered 
by the P term. After segregating these 5 + 9 = 14 microstates in Table 11.3 
we are left with only one having M; — 0 and M, — 0 ie. 18 term. Note that 
the 15 microstates are accounted for by the spin and orbital degeneracy: 


1р means (25 + 1) QL + 1) i.e. 1 x 5 = 5 microstates 

ЗР means 3х3 = 9 di 

1$ means ў 1х1 =1 3 

Hund's rule predicts the following energy order: *P <*D < xS. 


11.7.3. Russell Saunders Terms and Hole Equivalency Theorem : Fig. 11.11 
gives the Russell Saunders terms arising out of the d^ electronic configurations. 
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Ап interesting result is immediately evident that in each of the pairs (d', 4°), 
(d, d*), (4З, d?) and (d*, а>) one configuration has the same terms as the other. 
This equivalence follows from the hole equivalency theorem (also known as 
hole formalism). А d* electron system may be conceived to have resulted from 
the introduction of two positorns in a filled 479 electron subshell. Since a filled 479 
subshell can contribute only 0 to the M; and Mz values the Russell Saunders 
terms due to d™ electron + d? positron will solely arise due to the d* positron 
configuration. Interelect. onic repulsion and interpositronic repulsion being similar 
‘both 4% and d? electronic configurations give the same terms. A d? configuration 
is the hole equivalent of d*. Note that a 2° ion is i s own hole equivalent. 

Hole formalism concept is useful in several areas: 

1. The Russell Saunders terms of d" ions are the same as those of their hole 
equivalents d!?-? ions. 

2. Spin-orbit coupling constants (section 11.8) of less than half-filled subshell 
ions is positive while those of more than half-filled sheils is negative. While for 
the less than half filled shells the coupling envisages some interaction between the 
positively charged nucleus and the electrons, the hole equivalents envisage inter- 
action between the positive nucleus and an appropriate number of positrons. 
Hence the negative sign. 

3. Because of the negative sign of. the spin-orbit coupling constant (secticn 
11.8) for more than half filled shells, the J'levels of d” (n = 1—4) become reversed 
for the corresponding hole equivalents. Thus the energy order of the J levels of 
d? ions is ЗЕ, < ЗЕ, < ЗЕ while that of d* is?F, < ЗЕ; < *Fy. 

4. Under the influence of the crystal filed the Russell Saunders terms undergo 
splitting. Sinee a positron is likely to be most stable where an electron is least 
so the crystal field splitting diagram of a d" ion is reversed for its hole equivalent. 
Thus a 34° copper (II) may be regarded as a 3d! positron case so that the positron 
will occupy the eg set in octahedral field. The positron transition will then be 
ey — tag instead of the tg — eg electronic transition for 34! (electron) titanium 
(IIT) case. 


11.8. SPIN-ORBIT COUPLING 


Spin-orbit interaction energy is proportional to /s cos (Is) where J and s are 
the respective vectors. The strength of the coupling is decided by the proportiona- 
lity constant known as the spin-orbit coupling constant £. Ё is relatively small 
(750—800 ст) for the first transition series elements while for the lanthanides 
it is large ( ~ 1000 ст“). For the actinides spin-orbit coupling is so strong that 
the Zand s vectors of the individual electrons couple to give j. The js then combine 
to produce resultant J (j—j coupling). j 

The magnitude of the spin-orbit coupling constant is given by : 


Zen 
t eu 


umm 
Where Ze is the nuclear charge, e, m and r are the charge, mass and radius of the 
orbit of the electron, A the Planck's constant and с the velocity of light. For a 
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multielectron system Z becomes Z,j; and A refers to the spin-orbit coupling con- 
stant of a particular term: 
I oc t 

MEL SI a 
where S and п represent the spin quantum number and the number of unpaired 
electrons of the term. The ‘+? sign refers to half-filled or less than half-filled shells 
while the'—' sigh refers to more than half-filled shells. For a d* ion A is ‘+’ while 
for d*—the hole equivalent of азі is ‘—’. Remember that a proton attracts an 
electron but repels a positron. 


11.9. RUSSELL SAUNDERS COUPLING AND LANDE 
INTERVAL RULE 


The ЗЕ ground term of a d2 free ion gives three J states: 3p, *F, and 
зг, (Fig. 11.8). The ЗЕ, state is the ground state. The difference in energy of the 
J states is important for evaluation of magnetic moments, and is given by the 
Lande Interval Rule. The energy separation between two immediate J states is given 
by the product of the spin-orbit coupling constant of the ion and ihe higher PA 

Just as each L has 2L + 1 values 
of My and each 5 has 2S + 1 values of ` 
Ms, each J has 27 + 1 values of M7. 
Thus the *F; ground state (Fig. 11.8) has 
ЗЕ; 


Fio. 11.8. Splitting of 3d* ion under Russell Ето. 11.9. Splitting of the terms of d? and 
Saunders coupling and a magnetic field. The d’ by spin-orbit coupling. 
figure shows in successive order:electron 
configuration, spin-spin coupling, orbital- 
orbital coupling, spin-orbit coupling and 
magnetic field splitting. 


My values + 2, 4-1,0, —1 and —2, On the application of the magnetic field 
each J state splits into 2J + 1 levels of Mj, maintaining the pre-splitting baricentre. 
The following relations hold (Fig. 11.9): 
о ха+ Dox3-IQ x 3-1) x A-IQ x 24D х (3 1А] =0, 
dit X2+1) x B+ DA +12 х 341 x X-IQ x 441) х 3] =0 
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| Еога d* system А carries anegative sign which means the °F, state (d?) of 
Fig. 11.9 will be the most negative in energy i.e. the diagram of 3d? will be 
reversed for 3d? case. 


11.10. ELECTRONIC SPECTRA AND CRYSTAL FIELDS 


11.10.1. Group Theoretical Symbols : Each particular stereochemistry con- 
forms to a particular mathematical group. Each mathematical group is charac- 
terised by symmetry elements and symmetry operations. 

The metal ion orbitals respond to the group symmetry operations in different 
manner and they are designated by certain group theoretical symbols. These 
symbols may be upper case symbols (eg: 410, 429, Egs Tyg, Тш etc.) or lower case 
symbols (eg: aig, Gag» [1 etc.). The lower case symbols are used to indicate one 
electron wave functions ie. orbitals. Upper case symbols designate electronic 
states i.e. states arising out of interaction of electrons in different orbitals, Thus 
A48, Tg, etc. stand for total many- electron interaction wave functions. 

The symbols speak of degeneracies: A (or a) is ‘singly degenerate, E (or e) 
is doubly degenerate while T (or t) is triply degenerate. Left hand superscript 
describes the spin multiplicity. Right hand subscript’ ‘g’ stands for ‘gerade’ (i.e. 
even) while ‘u’ stands for ungerade (i.e. uneven). Since an octahedron is centro- 
symmetric ‘g’ and ‘w’ are meaningful; A tetrahedron Has по centre of symmetry 
and hence ‘g’ and “ш” subscripts are not used. ; , 


11.10.2. Crystal Fields in Relation to Russell Saunders Terms : When an ion 
becomes part of a complex it experiences an additional perturbation due to the 
crystal field. In Russell Saunders coupling the strength of the coupling varies 
in the order: spin-spin coupling > orbital-orbital coupling 7 spin-orbit coupling 
Depending on the strength of the crystal field, it can intercept the Russell Saunders 
coupling in several Ways: 

Case I.-The crystal field is weaker than spin-orbit coupling. J remains a good 
quantum number. In such cases the.ion behaves as if it were a free ion. Spectra 
and magnetic moments are not influenced by the crystal field. j 

Case II. The crystal field is stronger than spin-orbit coupling but weaker 
than orbital-orbital coupling. Such a field is known as weak crystal field. Weak 
field does not allow Ё and 5 vectors to couple to give J vectors; instead the terras 
due to orbital-orbital coupling are split further. J is no longer a good quantum 
number. 

Case III. The crystal field is stronger than orbital-orbital coupling but weaker 
than spin-spin coupling. This is medium field. 

Case IV. The crystal field is stronger than even the spin-spin coupling i.e. it is 
stronger than interelectronic repulsion. Such erystal fields force spin pairing and 
are known as strong crystal field. 

Medium and weak crystal fields produce high spin (spin free) complexes 
while strong fields give low spin (spin paired) complexes. Weak crystal field dia- 

18 А 
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grams have been termed as Orgel diagrams. Tanabe-Sugano diagrams, to be 
shortly explained, give the relative energies of the Russell Saunders terms and 
crystal field terms on passing from weak to strong crystal fields. 


11.10.3. Splitting of Russel Saunders terms in weak Crystal Fields: On 
the formation of a complex the degeneracy of the d-orbitals is lost. The 
degeneracy of the Russell Saunders terms of a free ion is thus lifted by the crystal 
field. The 348 nickel (II) ion has an F ground state with seven fold degeneracy 
(QL +1 = 2x 3 + 1). In octahedral crystal field the F state splits into three 
states: 4s, Та and T, maintaining the total orbital multiplicity. Jn erystal field 
splittings orbital multiplicity is conserved. Further the same spin multiplicity is 
retained on splitting in weak field (Fig. 11.10). 

An S state is like an 5 orbital which is singly degenerate and hence it cannot 
split. A P state is like p orbital 
and ме have already seen that 
a p orbital cannot split in 
octahedral field. А P state thus 
merely changes notation to 71. 
A D state is like d-orbitals and 
hence splits into T; and Estates. 


13.10.4. Tanabe Sugano 
Diagrams: Tanabe and Sugano 
have calculated the transition 
energies in going from weak to 
strong crystal field. The follow- 
ing points are relevant in con- 


4 n 
p pu 3ng(P) nection with Tanabe-Sugano 
j 4tg(F) 34 3p diagrams (Fig. 11.11). 
x EOR Зп) зд 1. The energies of the Rus- 
4p. dM Me + sell Saunders terms appear on 
NX Apa бА d the ordinate and the crystal 
d X 4Aag 2 Spe - field strength (A = 10 Рд) as 
md Sos зы _1 the abscissa. 


Fig, 11.10. Splitting of d? ion Russell Saunders 
terms in weak octahedral crystal field. The ground 
state and the first excited state are shown. 


2. а, аз, 4%, 4° and 4? 
systems retain the same ground 
state no matter how strong the 
crystal field is. Recall that these 


‚аге the ions which cannot 


admit of both the high spin 
and low spin forms under the 
same octahedral geometry. lt 
is thus predicted that 348 nickel 
(ID cannot give diamagnetic 
octahedral complexes. 
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3. d, d5, d* and d? diagrams have a vertical line at a particular critical 10 Dg 
value. Above this particular critical 10 Dg value the ground state has a lower 
spin multiplicity. It is conventional to make this new ground state the abscissa 
so that all other terms have to be bent upwards by a corresponding amount. Recall 
that d*, 45, d* and d? are the four d” systems which are capable of generating spin 
state equilibrium under the same octahedral geometry. 

4. We can identify the spin allowed and spin forbidden transitions although 
ай аге Laporte forbidden. Taking the 3*case we see that Tig (Е) — “Tag, Гу (F) 
—> 343g, “Tig (Е) — ?T,5 (P) are spin allowed while “Tig (Е) — Tag, "Tig (F) 
—. 1E, are spin disallowed. 

5. The splitting of a particular Russell Saunders term of a d^ ion is reversed 
for its hole equivalent d!?-" : 


d^ (octahedral) = reverse of d?» (octahedral) 


6. Since crystal field splitting of octahedral and tetrahedral fields are reverse 
of each other it follows that reversal of the octahedral crystal field term of a parti- 
cular Russell Saunders term of a d^ ion will give the tetrahedral crystal field terms 
of the same d" ion. 

7. It follows from a combination of 5 and 6 that: 


octahedral d^ terms = tetrahedral d’°-” terms 


(d) 04/8 


1 23 
(4%) 106/8 
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2 


RS 1 3 
(d^) Dq/8 * (d). 04/8 


Fic. 11.11. Tanabe-Sugano diagrams of d'to а" ions in octahedral crystal fields. 


However it should be remembered that 10 Dq: is about 4/9 of 10 Dg (oct) for the 
same metal ion and the same ligand. | 

8. Since high spin d? gives L — 0, Russell Saunders terms of d" and d». 
are the same. Hence the splitting patterns of high spin d?*" and а" will be similar. _ 

9. The energy separation of the various Russell Saunders terms are expr 
in terms of interelectronic repulsion parameters known as Racah parameters 
and C. The energy gaps between teras of the same spin multiplicity are multiples: 
of B alone while the energy gaps between terms of different spin iaultiplicity аге 
expressed as sums of multiples of both B and C. Thus the energy gap betwe 
3F and ?P of a d? configuration is 158 while the difference between ?F and 
5B -- 2C. In most cases C is close to 48. In complexes the free ion B values 
reduced by ~25%. : 


11.10.5. 10 Dq and 8 from Electronic Spectra: The fag — eg (ie. dzy 
d?) transition is called 10 Dg. We briefly describe how the relative ener} 
of the different weak field transitions (Fig. 11.10) can be had. The ground 5 
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of 3d? is Тур (Е) while the excited states with the same spin multiplicity are Тш, 
ат (P) and *Agg. There are two Туу terms which develop some configurational 
interaction because of similar symmetry properties. Integral occupation of orbitals 
ie. "Та (F) corresponding to fag” is not quite valid. Since there is only опе Гу 
term it can be equated to the tə! ej! configuration. The 240 term corresponds to 
eo’, When a crystal field term appears only once its energy, relative to the Russell 
Saunders term from which it is derived, is given by the one electron energies for 
each of the occupied d orbitals. Thus relative to ECF) = 0 the energies of the 
?T,, term and the "Aa terms are (—4 + 6 = 2 Dg) and (+ 6+6 = 12 Dg). 
Referring to Fig. 11.10 (d?) and assuming that the 371 (F) is lowered by an amount 
x from the 3F = 0 baricentre, we have (y being 2 Рд) : 


—3x + (3X2) рд + (0x12) рд = Oso that x = 6 Dg = $6 


The figures 3, 3.and 1 take into consideration the orbital degeneracies of the 37,2, 
?T,, and "Aag terms; The energy gap between ?F and *P Russell Saunders terms 
is equal to 158 where B is the Racah interelectronic repulsion parameter. But 
in the case of a 3d* complex from Fig. 11.10 we have: 

зү, (Е) —> "Tag (P) = + A + 15В' 
where 8" is now the interelectronic repulsion in the complex. 

Not all the transitions are easily discernible from an actual spectrum of a 
complex. Furthermore the ratio of the different transition energies, intensities 
of the transitions, etc. are to be considered in order to identify an absorption 
band as a particular transition. Hexaaquovanadium (1D, УН О) * (343), gives 
three bands at 810 mp (12,300 cm-?), 540 mp (18,500 cm?) and 360 my (27,900 
cm~). These are assigned as: 4А — ‘Tag, А > íT g (F) and "А — "Та (Р). 
The lowest energy transition gives the 10 Dij value (12,300 cm’). Tris (ethylene- 
diamine) nickel (II) (249) has the following spin allowed transitions: ЗА og — "Tg; 
ЗА, Tg (F); "Aag — Ty (P). It shows three absorption peaks: 910 mj (11,000 
cm~), 540mp (18,500 cm~) and 335mp (30,000 cm~’), 11,000 cm-? being the 
10 Ра. - 

We can have now an exact example. Crystal field diagram of tetrahedral 
3d? (say, nickel (II) will be the same as that of octahedral 3d? system. For [NiCl]*- 
ој, vg and оз will correspond to 8 Dg, 18 Ра, and 6 Бф + 15B'. о, and v, are 
experimentally 7,550 and 14.250 cm- respectively while v; remains unresolved. 
B' then works out to be 780 cm, Free ion 158' value is 16000 cm~? whence. B 
becomes 1066 cm™. Thus on complexation a substantial reduction in interelectronic 
repulsion occurs. This is explained аз. а nephelauxetic effect (cf. p. 241). 

11.11. SOME QUANTITATIVE RELATIONS FOR PARAMAGNETIC 
SUBSTANCES 

11.11.1.Curie Equation : Magnetic susceptibility of a substance is connected 

io its moment via Curie equation. Tn order to determine the magnetic suscepti- 


bility of a substance it has to be subjected to an applied magnetic field. The magne- 
tic field endeavours to bring about an alignment of the paramagnetic dipoles 


` 


П 
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with the direction of the field. On the other hand, temperature endeavours to 
disrupt this alignment. Thus the alignment of the magnetic dipoles will increase 
at low temperature and high field. An inverse relation between susceptibility and 
temperature thus exists. | 

Consider N (Avogadro number) paramagnetic centres each with a real mag- 
netic moment и. These paramagnetic entities will have a random distribution, 
On the application of magnetic field these will assume different orientations i.e. 
these will be at different angles with the field directions 0 1/05, Os, etc. Such a situation 
would mean that although each molecule has a real moment и it is not shown up 
during measurement due to impérfect alignment with the field. A molecule (with 
а real moment и) at an angle 0 makes a contribution и cos д along H. Since different 
molecules make different contributions we assume that an average moment д is 
contributed by each molecule under the conditions of susceptibility measurements. 
Then the following relations hold: 


Xe 
P 


I 


ES . ` А Хо 
= - == хМ= => у М = — V 
Xe XM Xa Р H x 


rie ic 5 i 
But / = Molar_maenetic moment о. Ме 


molar voiume V 
бын Loca pe Ne. x ph МЕ: 
hy H VxH H 


Our problem is to derive a value for Е. 


и. contribution towards by the fraction of molecules at an angle 0 
with the direction of H. 


# Cos @ х fraction of molecules at an angle 6. 


The fraction of molecules at an angle @ is determined by the difference in energy 
between two levels in relation to the prevailing thermal energy. Thus if л, and ni 
are the number of molecules at the Oth and ith level and if AE is the energy diffe- 
rence between the two levels, then Boltzmann law states: 


Ш 


m = техр(— ДЕЈКЕТ) ~. = = exp (— AE/kr) 


If n, is large compared to m then пејпо represents the fraction of molecules. 
Again on the application of a magnetic field there is a lowering in the energy 
of the magnetic dipoles: 


AE — —uH 
“He = p COS 0 exp (— A ЕЈКТ) = p cos 6 exp (uH cos 0/kT) 
# Н cos 0 is quite small compared to KT so that: 


a = woos (1 + ЁН cose 
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E. An expression for р can be had by summing over all possible orientations, 
aking into consideration the contribution of each orientation and its relative 
population. Thus (2, which is the average of ji, over all values of 6, is given by: 


РН costó 
kT 


- _ ш Hoos 8 — 
z= псоз (1 + = p cosh + 
Average of cos # for all the molecules over a sphere is zero and that for со5*0 


is $. Thus: 


a МЕ. МАЛМЕ ИБИ ДЕТ Се rae ay 
Xa у ar SRE НИ Vier хм = 284 Уумт B.M. 


11.11.2. Thermal Energy and Magnetic Property: According to Russell 
Saunders coupling scheme а particular term carrying a given spin multiplicity 
and a given orbital multiplicity can assume several J values ranging between 
IL + S| to [L—S]. A *F term can have J values 4, 3 or 2. The ?F term can thus 
generate *F,, ЗЕз and ?F, states. Each of these states corresponds to а particular 
energy. The three states taken together constitute a multiplet and each J ofa 
particular multiplet is a component of that multiplet. The energy difference 
between two successive J levels of the multiplet is called the multiplet width. 
Normally all molecules of aparticular substance willtend to óccupy the lowest energy 
level but the actual population of the J levels will be dictated by the multiplet 
width of the levels compared to the thermal energy kT (~ 210 cm"? at 300°K) 
available to the molecules. If the multiplet width is large compared to kT, very few 
molecules will have sufficient energy to populate the higher J level. Such considera- 
tions lead to three cases: 


1. Multiplet width large compared to ЁТ 
2. Multiplet width small compared to kT 
3. Multiplet width comparable to KT 


1. Multiplet width large compared to KT: In such cases the multielectron 
L and $ vectors couple very strongly so that the resultant lowest energy J is only 
populated. The other J levels are much above the ground state J and are not popu- 
lated. The vector diagram of L and S coupling is shown in Fig. 11.12. The orbital 
angular momentum and spin angular momentum vectors are perpendicular to the 
plane of orbital motion and spinning motion, and the direction of the vectors is 
described by a screw motion (Chapter 1). Since positive current flows opposite to 
the direction of the electron motion, the direction of the magnetic moment vectors 
is opposite to the direction of the momentum vectors. Further since spin moment » 
incorporates g = 2 as against g = 1 for the orbital moment, the us has double 
the length of the S vector. However S vector and uz, vector have the same length. 


É 
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A strong coupling means a rapid: precession of L and S about the direction 
of J, so that ш, and ps also precess about J. Thus component BC (Fig. 11.12) 
averages to zero in any finite time. This means that prs (= AC vector) will be 


given by the vector AB. 


(соу ~ 
Fic. 11.12, Coupling of Ега. 11.13. Components 
Land S to give J of L and S along J 


Components of L and $ in the direction of J are respectively L cos (LJ) and 
$ cos (SJ) (Fig. 11.13). Using cosine rule: 
S = J? + LLJ cos (LJ) 
17 = J*+ St—2SJcos (SJ) 
J+ 134—5 
2J 
‘The effective magnetic moment [Ж 
= Vector АВ = component of L in the direction of J + twice the component 
of S in the direction of J 


=L ра + 18—52 AJ? + 52—13) 
B TAS E и р [Hs +o) I 
" [5 a v] BJ — gfJ where g denotes the quantity within the square 


241 
bracket. 
Putting the quantum mechanical relations we have: 


Eos Кореја = nen(E)y mar anes y(t) 


and Scos (SJ) = TUE 


L cos(LJ) — 


S 


where $, L and J are the respective quantum numbers. Therefore шу = gB 


"aU TT. р JU + 1) + S(S+1) — ДЕ 1) 
WIFI = 
VIO + 1) whereg = 1 + JUF Т) 
Note that, when 5 = 0, i.e. no spin effect, then g = 1. The ш then reduces to шу. 
Again when L = 0, i.e. no orbital effect, then g = 2, The иу then reduces to из. 
The Curie equation now takes the form: 


Миз | NEBIJ 4-1) 
TANI SIEUT: 


' 
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2. Multiplet Width small Compared to kT: The multielectron system has 
now the J levels so close together that thermal energy can lead to a virtually equal 
population of all these levels. This means that the coupling of the L and $ vectors 
is so poor that Z and $ vectors maintain their individuality. L and S are then said 
to interact indepéndently. with the field. J is no longer a good quantum number. 
The effective magnetic moment is then derived from the two separate coritributions 
due to orbital effect and spin effect. Since magnetic susceptibility has an additive 
property the total susceptibility is given by: 


Ме , ма N 
XM = ЗЕТ Ay = acr He + es?) 
Since ш? = ЦІ + 1) Вапа ys? = 4S(S + DE 
We have хм = га UL + 1) + 48(5 + 1)] 
2E Ми?а 


ve аг 

Therefore Pos = УЦЕ V Т) FASS 1) B 

*j. Muliiplet Width Comparable to KT: Now the J levels of a multiplet аге 
populated but not to the same extent; Their population is decided by Boltzmann 
distribution. The average susceptibility must be the weighted contributions and 
the final result becomes quite complicated with temperature dependence of the 
population, ? 

K : _ Мера | 
For the wide multiplet case we have ум = RT J(J +1). Since the 


different J levels are populated the Avogadro number of molecules(N)will be distri- 
buted in these J levels. So XM will be given by a summation of terms of the follow- 
ing form where № is the number of molecules in a particular J level. 
_ о Мај + 1) 
reste Tp алва 
if the energy difference between the ground level (energy = 0) and à particular 
J level is AE, then the number of molecules їп the J level is proportional to: exp 
(— ЛЕКТ). Each J has 27 + 1 orientations in a magnetic field (just 2s each / has 
` 21 4- 1 orientations of ту) and therefore: 
Ny a (27 4- 1) exp (~ AE/KT) ^..Ny = С(27 1) exp (— AE/KT) where 
Cis a proportionality constant. 


хм = CE fPIC Dears 1) exp (—AEJKT) 


But N = EN; = CX (2+ 1) exp (AENT) 
М i 


Then C= SOIFI) exp(— ДЕКТ) 


= Барију + 1) QI- 1) exp (— AEKKT) 


and XM — €(J-Dexp(— AE/KT) 


| 
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In order to be able to apply this equation we must not only know the L, S 
values and the different J values of the multiplet but also the energy difference ДЕ 
between the ground level and the next higher energy J level. The energy difference 
is, according to Lande interval rule, given by: 

Energy difference — A x higher energy J value where A is the spin-orbit 
coupling constant of the particular ion. For samarium ground state J is given 
by 5/2 and the higher J is 7/2. Therefore the energy difference between J = 5/2 
-and J = 7/2 is 7/2 A where А is the spin-orbit coupling constant of samarium. 
A for samarium (III) is 236 cm-*. Ground state g is 0.286 since L = 5and 5 —5/2. 
The first excited state g is 0.825. Then ум is (assuming population of the ground 
state and the first excited state): 


_ NB! (0.286): x $ x 4x6 exp (0)--(0.8259 x 4 х 3 х 8 exp(—JNKT). 
Хм = 3kT ______ бехр(0) + 8exp (— GAT) 
whence p œ 1.3 B.M. (КТ at room temperature œ 205 cm~). Note that ground 


state J alone gives ш = 0.84 B.M. The experimental и is œ 1.5 B.M. 
Summing up the results of the three cases we have: 


Multiplet width ріп B.M. Temperature dependence 
compared to kT f of хм 
1. Large gv J(J +1) Curie law obeyed 
2. Small VLL 1) + 4S(S 4- 1) ^ 
3. Comparable complicated function Curie law not obeyed 
ofJ and T 


11.12. MAGNETIC MOMENTS OF THE FIRST TRANSITION 
SERIES IONS 


11.12.1. General Observations: If for some reason the orbital effect is made 
negligible then the и 1,5 equation reduces to that of s only: 


p spinonly = VASS F 1) 8 = У25(2$ + 2) В = V2nsQns $ 2) В 
= Van F 2) В 


where s is the spin quantum number of each electron (i.e. 3) and л is the number 
of unpaired electrons. For most of the ions of the first transition series it is found 
that in their complexes the magnetic moment is that due to spin effect alone. Table 
11.4 gives some such results. 

It will be noted from the Table that in some cases the observed moments are 
higher than spin only moments but rarely do the values approach the різ 
moments. This is due to the crystal fields (that is, the ligands surrounding the 
ions) restricting the movement of the metal ion electrons around the nucleus. Я 
The orbital effect is thus often negligible. Quantitative derivations have been made 
of the crystal field effects on the magnetic moments of the first series transition 
elements, particularly for Co** (tetrahedral) and Ni** (octahedral) complexes. 
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Table 11.4. Calculated and Observed Magnetic Moments of the 
Transition Series Tons 


Ion Ground State Spectro- иу Hts нь+з Observed 
Quantum Numbers scopic B.M. В.М. B.M. moment 
Symbol (B.M.) 
S A 

ое а 
Vit(3d?) i 2 2р, 155 ° 173 3.00 16—18 
Visa?) I 3 эр, 1.63 283 447 26-28 
Cr** (3d) $ B МИР O77) B87; 520 '37—38 
Cr**(34*) 2 2 5D, 0 490 548  49—53 
Mnat*t(349. $ 0 Sie SOD 25599 ek S02 1:09 59 
Ее?+(34%) 2 2 5D, 670 490 548 5.1—5.5 
Со? +(347) 1 3 Fyra 6.64 387 520 41—5.2 
Ni?**(34*) 1 3 gt 5.55 283 447 28—40 
Си?+(34%) i 2 ‚ Dys 3.55 173 300  17—22 


i А—————— 
4 


11.12.2. Orbital Rotation and Transformation Model: We assume an electron 
both as a particle and as a wave, On the solar model we assume an electron as 
a particle moving in an orbit around the nucleus. While doing so the electron 
generates orbital magnetic effect in addition to the spin effect. According to the 
wave model the electron has to stay in orbitals of a definite size and shape. When 
a transition metal ion forms a complex its d-electrons are in a crystal field of 
the surrounding ligands. Such a d" ion can give rise to orbital moment in addition 
to spin moment only if its electrons are allowed unrestricted movement from one 
orbital to another so as to effect a rotation about the metal ion nucleus. For this 
to be possible the following conditions must be fulfilled : 

1. The orbitals must be degenerate else there will be an energy barrier for 

roiation. 

2. The orbitals must be of the same shape and they must be transformable 

from one to another by rotation about a suitable axis. 

3. The orbitals should not contain electrons of the same spin. 


In a crystal field the degeneracy of the d-orbitals is lost. This immediately 
tells us that the full orbital contribution of a free ion may not be attained when 
the ion forms a coordination complex. The eg (d;*. у“, 9: orbitals) set in octa- 
hedral geometry or the e set in tetrahedral geometry, although degenerate, is 
different in energy from the sg set (or fa set) and furthermore the 42 orbital is 
not transformable into any of the other four orbitals. So electrons in eg or e level 
cannot make orbital contribution to the spin moment, Thus dz*. у“ and d? orbitals 
constitute a non-magnetic doublet. Each of the dry, dy; and dzz orbitals is trans- 
formed into the other two orbitals by rotation-about relevant axes eg: dry gives 
dyz on rotation about y axis. Presence of electrons in the tag set (or 15) will generate 
orbital contribution provided condition 3 is satisfied. d* and d* complexes will 
generate orbital moment as all the three conditions are satisfied. But d" in octa- 


f 
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hedral geometry violates condition 3 while in tetrahedral stereochemistry all the 
conditions are satisfied (е2). Iu high spin octahedral forms d, 4°, 4%, d" will 
have orbital moment but not in tetrahedral geometry. Magnetic moments in 
excess of spin only values may often be diagnostic of stereochemistry, Our model 
predicts spin-only value for 34% nickel (II) in octahedral geometry and for 3d? 
cobalt (1) in tetrahedral stereochemistry. Table 11.4, shows, however that both 
these metal ions possess considerable orbital effect. 

The eight electrons of octahedral nickel (II) can be arranged in only one way, 
12% eg", giving a singlet state 54,7. The first excited state is fgg*e® giving a triplet 
зТ and the second excited state is tag* ej! again giving a triplet 37,,. Both the 
excited states can produce orbital moment. The smaller 10 Dqis, the closer #Т„у 
is to.*4,, and the greater is the scope that spin-oibit coupling will mix the two 
states producing above-spin only moments. Similar reasoning will apply for tetra-' 
hedral cobalt (II) with 4 ground state and +T, first excited state. The quantitative 
relation connecting magnetic moment and spectral transitions is given by: 


А 
P = Papin only (1— пр 5; 


wherea = 2foran E ground term anda = 4ior A, terms, 10 Dg is the separation 
between the ground and excited states and A is the spin-orbit coupling constant 
of the term. 

. А and E states do not produce orbital moment but a T state does. Further, 
the loss of degeneracy of the d-orbitals results in a diminished orbital effect and thus, 
the lower the symmetry of the complex the closer the magnetic moment is to the 
spin-only value. " 


11.13. MAGNETIC PROPERTIES OF THE RARE EARTHS 
(LANTHANIDES) 


The electron distributions of the rare earths have been shown in Chapter 2. 
Тһе trivalent rare earth ions have incomplete Af shell which is the source of their 
magnetism. Their 4f shell is quite deep seated and is shielded from the disturbing 
effects of surrounding ions (crystal field effect). The trivalent rare earth ions there- 
fore behave as perfect ions. Furthermore the J levels are widely separated due to 
strong coupling of Z and 5 vectors. They coaform to the case of wide multiplet 
widths compared to kT, so that their magnetic moments are obtained by the 
equation: 


ш = #ВУЛЈ - Ту where g = 1 LIED SO 72619 


There are only two exceptions (Table 11.5), namely samarium (1) and europium 

(III) where the J levels have multiplet widths comparable to kT. For promethium 

(Ш) the separation between J = 4 and J = 5 is given by 5 (= 5 x 400 cm) 

while for samarium (III) the first excited state is 7/2 x 236 cm~? above the ground 

state. For europium the first excited state is only А (—220 ст“) above the ground 
a 
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state. It is thus likely that the first excited state in Sm?* and particularly in Eu** 
will be substantially populated. For Eu*+ even the second excited state will have 


significant population. In these two cases the complicated susceptibility equation 
for the multiplet width comparable to KT(~ 205 cm~ at 25°C) must be applied. 


When this is done the magnetic moments of all the fourteen rare earths fit nicely 


with experimentally determined moments. The double humped curve is shown in 


Fig. 11.14. Note that H spin-only does not apply except for f°, f* and /14 systems. 


In these three cases L = O (ie. 5 = J) so that py equation automatically reduces 


tO H spin-onty “Quation. 


n5 o 
2)Compatable multiplet ,” 
ni Tor is о 


о 
©. 


correction 
Sm?'and Evt ф 


3V spin ony & 


Calculated magnetic Moments(B. M.) 


Ка s Pr, Pm Eu ТЬ Но Tm и 


Rare Earths 
Fio. 11.14. Calculated magnetic moments of the rare earths 


Table 11.5. Magnetic Moments of Rare Earths 


** Ground Calculated Experimental 
dichte M State : ш = gp p(B.M.) 
VIJF I) 
i 1 — 0 Diamagnetic 
; Б с, 6/7 2.54 2.3—2.5 
2 Pr 3H, 4/5 3.58 34—3.6 
3 Nd DAR 8/11 3.62 3.5—3.6 , 
4 Pm 5], 3/5 2.68 — 
5 Sm геј 2/7 0:84 1.5—1.6 
6 Eu "Fy SEND 0 3.43.6 
7 Gd 292 2 7.94 7.8—8.0 
8 Tb kj ze 3/2 9.72 9.4—9.6 
9 ру 5Hss/» 4/3 10.63 ‚ 10.4—10.5 
10 Но BA 5/4 10.60 10.3—10,5' 
11 Er АГЫ» 6/5 9.5] , т. 
12 Tm *H, 7/6 7.63 7,1—7. 
13 Yb MIT 8/7 4.50 Я 44—49: 
Lu 1g, = од Diamagnetic d 


ER Јање су CANIS a с, 
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11.14. MAGNETIC PROPERTIES OF FIRST TRANSITION SERIES IONS 
ON VALENCE BOND AND CRYSTAL FIELD MODELS : 


We have discussed the two theories for transition metals in Chapter 10. We 
have seen that although qualitatively VB theory can explain many magnetic pro- 
perties, yet it is quantitatively inadequate. However we discuss two examples 
on the two models. For example, the magnetic moments of Na,[FeF,] and 
К, [Fe(CN),] are 5.92 and 1.73 B.M. both being complexes of iron (III). The fluoro 
complex indicates five unpaired spins and the cyano complex only one. According 
to VB theory the fluoro complex is an outer orbital complex with spd? hybridisa- 
tion of iron (Ш) orbitals leaving all five 3d orbitals available to the five unpaired 
electrons of iron (III). It is said to be a weak complex. On the other hand the 
cyano complex is a strong inner orbital complex with d?sp* hybridisation of iron 
(III) orbitals. Only three of the five 3d orbitals are available for five electrons of 
iron (III). Hence spin pairing occurs and the complex shows only one unpaired 
spin. 

In crystal field terms we say F- is a weak ligand and hence 10 Dg is smaller 
than pairing energy. Therefore all five electrons distribute between /,; and eg 
levels without spin pairing. On the contrary CN- is the strongest ligand known, 
splitting being large (10 24 > P). So spin pairing occurs and all five electrons are 
forced to stay in the three 1,2 orbitals, one remaining unpaired. 


Problem: Predict the spin magnetic moment of K; [Mn (CN),)] 

Note that cyanide is a-monodentate ligand and that the oxidation state of 
manganese is + 3. Trivalent magnanese has 25—3 = 22 electrons ie. it is a 
1s? 2s? 2p® 35 3р5 3d* or simply a 34% system. So we have to examine the spin moment 
(orbital magnetic moment is neglected) of a 3d‘ ion in octahedral geometry. The 
question now is whether the complex will be high-spin or low-spin. Since cyanide 
is the strongest ligand it will generate an inner orbital octahedral complex i.e. the 
hybridisation will be d? sp*. Hence 4 electrons will stay in the three non-bonding d 
orbitals, So according to Hund’s rule we will have two unpaired electrons: 


3d 4s 4p 
АЊА Ај we px хх хх | xx | xx;p = 283 
Áo B.M. 


CN- electrons 


In crystal field terminology the complex will be low-spin octahedral і.е. (7 е%, once 
again there will be two unpaired electrons. The spin magnetic moment will be 
around 2.83 B.M. 


Probleni: Predict the spin magnetic moment of Li [Ti(dipy)s] 

Note dipyridyl is a neutral bidentate ligand. Stereochemistry around titanium 
(—1) is octahedral. Uninegative titanium has a total of 23 electrons. It is a 15" 
25% 2p5, As" 3p® 3d? i.e. a За“ system. Taking dipyridyl as а strong ligand we assume 
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that the complex is an inner orbital octahedral complex. Hence the five non-bonding 
electrons will be arranged in the three of the five d-orbitals which are not parti- 
cipating in the hybridisation process. Then one unpaired electron with spin mo- 
ment 1.73 B.M. will show up. According to crystal field theory it will be a low- 
spin complex i.e. 13 е. Once again there will be one unpaired electron with spin 
moment 1.73 B.M. 


Problem: Bis (dimsthylglyoximato) nickel (Ш) is experimentally known to be 
diamagnetic. How do we interpret on VB and CF models ? 

Note dimethylglyoximate ion (section 10.16.1) is a bidentate ligand. Hence 
the coordination number of nickel (II) is four. When С, №. is four two stereo- 
chemistries namely tetrahedral and square planar are possible. Since tetrahedral 
geometry is possible only with weak coordinating Jigands, we safely exclude this 
geometry, 

In VB model a square planar geometry means a dsp? hybridisation. Again 
bipositive nickel is а 34° system. Hence these eight electrons will be arranged in 
the four non-bonding d-orbitals and according to Hund’s rule all eight will be 
paired up. Hence the diamagnetism. 1 

In crystal field model we can no longer take the octahedral splitting. We have 
to go for the tetragonally elongated or square planar splitting: 

dzz, dyz < d? < dry < а? 


If the separation between the highest two orbitals (dzy and 4," у“) is large com- 
pared to the pairing energy of nickel (П) then all eight electrons will get paired, 
giving a diamagnetic complex. Since this is an experimentally observed fact that 
the complex is a diamagnetic one the obvious conclusion is that dimethylglyoxime 


is a strong field ligand. 


Problem: Predict the number of unpaired electrons in [CoCl;J*-. 

Since chloride ion is a monodentate ligand and since there are four of them 
in the coordination zone the geometry may be tetrahedral or square planar. But 
chloride ion is a very weak ligand and hence square planar stereochemistry is 
ruled out. For tetrahedral stereochemistry VB theory predicts sp? hybridisation. 
So cobalt (II) being a 34" ion its seven electrons will be housed in the five 3d orbitals. 
According te Hund’s rule only three electrons will remain unpaired. In crystal 
field model the complex has to be high spin and the electron distribution will be 
ett so that three electrons will remain unpaired. 


1145. DETERMINATION OF MAGNETIC SUSCEPTIBILITY 


A number of methods are known for the purpose. Gouy method is the most 
commonly used technique. The sample, in the form of a cylinder, is suspended 
between the poles of a magnet, preferably an electromagnet. The bottom of the 
substance coincides with the centre of the magnetic field, and the substance extends 
to a length of about 10 cm such that the magnetic field is zero at the upper poiut. 
The sample is packed uniformly into a glass tube of suitable size and is vertically 
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suspended from the beam of a balance in a drought free enclosure (Fig. 11.15). 
The mass of the sample is determined with and without the magnetic field on. 
Similar determination is also carried out with the same sample tube so as to allow 
for a diamagnetic correction of the glass tube. 


Fic. 11.15. Apparatus Гог the Gouy method 


A magnetic sample is composed of innumerable micromagnets with random 
orientation. On the application of a magnetic field there is an alignment of the ` 
micromagnets with the field. If the sample were in the form of a very small sphere — 
at the centre of a uniform magnetic field there would be no net force acting on it. 
Instead if it is suspended in the form described above its lowest part would be 
in the Strongest field while the topmost part will be in a weak or zero magnetic 
field. Hence there will be a net magnetic force acting on the cylindrical sample. 
As a result of this a paramagnetic sample will be drawn into, while a diamagnetic 
sample will be drawn out of the strongest part of the magnetic field. Also note 
that the derivation of the Хо by the Gouy method involves two limits of the mag- 
netic field between which the force is integrated. 

\ The small force dF experienced by a sample of volume susceptibility к and 
small volume dy in a magnetic field is given by: 


dF = H. x dv i where = is the field gradient. 


| 


d | 
Н. к. А. ах. 2н where А is the cross-sectional area and dx is 


the small height of the sample. 
“dF = А.к. Нан 


H H 
Intergrating, F = f dF = | А. к. HdH = А. к. à (H?—H,2) 
Ho Ho 


where H and H, are the lower and upper limits of the magnetic field. 
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"n 


= 4. хо. p} (H*— Hy) { recalling that y, = <) 


= х. T + (H'—Hj) where m and / stand for the mass and 


' length of the sample. (e Eo 
Simplifying further that Hy can be neglected we have: 

Р 

X = Hix т 
Force F is determined by the change іп the weight of the sample i.e. by the product 
of w (the change in mass of the sample in the magnetic field) and g, the acceleration 
due to gravity. The change in the mass of the sample is the sum of the apparent 
change of mass of the sample in the magnetic field and the change of mass of the 

empty glass tube. Then: 


_ Ми; _ 2l(incm)x w(ingm) x 981 
xo = Hixm — H*(ingauss) x m (in gm) 


Some people prefer to express w in milligrams and m in gm so that 
_ 2l (in cm) х w (in milligram) x 107 x 981 
T Н? (in gauss) x m (in gm) 
* _ _ 2l (in cm) х w (in milligram) 
~ (in gauss) x m (in gm) x 1.019 
Since H is of the order of 10° our final y; will come out in the order of 10-5 cgs units. 
Xu = xg X M where M is the molecular weight 


The quantity a is called the tube calibration constant. The tube constant is 


first determined by taking a measurement on a standard substance, such as, 
copper (II) sulphate pentahydrate (y; = 5.92 x10-* cgs units), [Hg Co(SCN),] 
(xg = 16.44 x 10-5 cgs units), for which xg is accurately known. The same 
tube is then cleaned and used to determine the yg of the substance under investiga- 
tion. For paramagnetic substances the above ум is corrected for the diamagnetism 
of the ligands using Pascal’s constants. The corrected xm is then used to calculate 
the magnetic moment with the help of the Curie equation. Table 11.5 gives some . 
spin only magnetic moments for various numbers of unpaired electrons alongwith 


the corresponding susceptibilities. 


Table 11.6. Spin only Susceptibilities and Moments for 1-5 Unpaired Electrons 


Unpaired electrons 25+ 1 и spin only хм (corrected) (cgs units) 
1 2. 173 B.M: 1,250 x 10-8 
2 3 283 3,333 
3 4 387 6,250 
4 5 190 10,900 
5 ó 592 14,600 
I KU UA COGOR STI TII Me E L ылыы шы. о 
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STUDY QUESTIONS 


1. (NH,)s{FeF,] has a magnetic moment of 5.92 B.M. whereas K;[Fe(CN),] has a value of 
1.73 B.M. Explain both on the valence bond model and the crystal field model. 

2. Guess the magnetic moments of [Ti(dipy);] and Li[Ti(dipy). 

3. Molybdenum (V) is a 44" system. (NHj[MoOCI,] is paramagnetic (p~ 1.7 B.M.) but 
[M00;Q.py] is diamagnetic (ОН = quinaldinic acid). Chemical studies show that in [MoO;Q.py] 
we still have а pentavalent molybdenum. How would you explain this anomalous magnetic 
behaviour? 

4. Transition metal compounds are often paramagnetic whereas non-transition metal com- 
pounds are diamagnetic. Comment. 

5. Strong ligands are most likely to enforce spin pairing. Comment. Show on the crystal 
ficld model that it may be possible to synthesize complexes with some ligands where magneto- 
chemical equilibrium between high spin and low spin forms of the same complex may exist. 

6. What is meant by the symbol *F? Show that it represents а total degeneracy (orbitalplus 
spin) of 21. 

7, In general elements of the second and third transition series form morespin paired com- 
plexes than elements of the first transition series of the same group. Attempt ал explanation 
based on the relative sizes of the orbitals. 

8. Account for the following magnetic moments observed in various complexes 


V1*1.7 to 1.8; V** 2.6 to 2.8; Gd** 7.94 B.M. 


9, The brown ring compound has the following structure in aqueous sulphuric acid medium, 
[Fe(NOYH4OXISO, The magnetic moment is 3.90 B.M. What will be your guess about the 
valence of iron in this compound on spin-only considerations? 

10. Comment on the following magnetic susceptibilities: (a) K,{CoF,] has u = 4.2 B.M. but 
Ky[CuF,] has 2.8 В.М. and K,[NiF,] is diamagnetic. 

(b) monovalent silver (coordination number = 2) is diamagnetic, bivalent silver (C.N. 
4 and 6) is paramagnetic (~ 1.7 B.M.) and trivalent silver (СМ. 4) is again diamagnetic. 

11. Calculate the magnetic moment of an ion with ?F, ground state following the 5 and 
Hess equations, What will be the ground state of its hole equivalent? Calculate the moments 
of the hole equivalent, 

12. Explain why the py equation is not applicable to Sm** (4f?) and Eu** (4f*) although it is 

' quite good both for Pr** (4f%) and Tb** (4f*). ` 

13. How is the orbital moment quenched in most of the first transition series complexes? 
Why the quenching is not perfect in nickel (ID in octahedral field and cobalt (II) in tetrahedral 
field? 

14, What do you understand by spin-orbit coupling constant? What factors govern its magni- 
tude? How does it influence the magnetic moments of lanthanides and the first transition series? 

15, (а) What informations can be bad from the following relation: 

Ne < 
Xie = — са xr 
(b) Discuss the usefulness of Pascal's constants. 

16, A dion has the energy sequence *F, < °F, < ?F,. What is the energy sequence of a d* ion? 

17, What informations do the following symbols provide? 


(a) Tig OA O'P 
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18. In which of the stereochemistries a d* ion is likely to have orbital contribution: (a) tetra- 
hedral, (b) octahedral and (c) square planar, What is thc maximum magnetic moment this ion 
can give rise to? 

19. Comment on thestereochemistry of thc following cobalt (II) complexes based on magnetic 
moments: [Co(SCN),F, 4.40 B.M.; Col, (aniline);, 4.61 B.M.; CoCl, (aniline), (КОН), 5.0 B.M. 
and CoCl,.6H,0, 5.1 B.M. 

20. Is it possible to synthesize a complex of a d'ion with ш = 2.83 B.M. with octahedral or 
tetrahedral geometry ? 

21. Give valence bond and crystal field explanation of the spin magnetic moment of 
K,{Mn(CN),] being 2.8 В.М, 
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ments in transition metal Complexes, 


Radioactivity 


12.1, THE BEGINNING 


In science time and again chance has favoured a prepared mind. Becquerel 
had a prepared mind to make most of a chance observation made in 1896. He 
was at the time interested in discovering some connection between X-rays and 
fluorescence phenomena exhibited by certain chemical compounds. Fluorescent. 
substances absorb energy when exposed to sources of radiation, but thereafter 
emit energy of a nature different from that of the incident radiation. Potassium 
uranyl sulphate was considered at Becquerel’s time as a fluorescent substance. 
Becquerel planned to expose some samples of this compound to sunrays, and 
thereafter to examine the effect of the emitting radiations on photographic plates. 
As it happened for a few days in a row the sky was overcast, and the sun did not 
show up. Consequently the samples of potassium uranyl sulphate exposcd to the 
atmosphere on those cloudy days did not receive the expected radiations from 
sunrays, and in keeping with the ideas prevalent at that time, none of the samples 
was expected to show any fluorescence effect on photographic plates. But Bec- 
querel was a physicist of the first order and he did not leave the experiments un- 
finished. Some photographic plates were exposed to the samples, were developed, 
and he was astonished to see that the plates were affected as much as those exposed 
for an equal length of time to bright sunlight. He then packed his samples in 
closed cupboards in the dark and studied them further. Photographic plates were 
equally affected, and the conclusion was that the samples were themselves active, 
and need not to be excited by external sources of radiation. It was also shown 
that potassium sulphate had nothing to do with this behaviour. So Becquerel 
made a most remarkable observation that uranium spontaneously emits a powerful 
radiation whose existence had not previously been suspected. The phenomenon 
of emission of radiations as a result of spontaneous disintegrations of atomic nuclei 
was termed radioactivity, 

Thus radioactivity made a bright beginning on not-so-bright a day in 1896. 
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Further studies by Becquerel showed that all uranium compounds were radio- 
active, and that the rate of emitting radiation was directly proportional to the 
amount of uranium present in the sample. However an exception to the rule 
was soon discovered. A uranium containing ore, called pitchblende, emitted 
radiation at a rate nearly four times as great as one would calculate on the basis 
of its uranium content alone. In 1896 Becquerel in collaboration with two illus- 
trious young colleagues Marie and Pierre Curie, successfully isolated a fraction 
of a gram of a new element, called polonium, from a ton of pitchblende ore. Polo- 
nium was much more radioactive than uranium, and thus the exceptional behaviour 
of pitchblende was explained. Within a year of discovery of polonium, the Curies 
discovered radium, another highly radioactive element. Recognition of the services 
to science came soon. Becquerel and the Curies were awarded the Nobel Prize in 
Physics in 1903. 7 

The radioactivity associated with naturally occurring materials, such as ura- 
nium, polonium, radium etc. is called natural radioactivity. It was later shown by 
Irene Curie, daughter of the Curies, and her husband Joliot-Curie that radio- 
activity can also be induced by suitable artificial transmutation reactions carried 
out on non-radioactive elements. Such artificially created radioactivity is called 
artificial radioactivity. 


12.2. THE NATURE OF THE RADIATIONS 


Painstaking reasearches followed Becquerel’s chance discovery of radioactivity 
in uranium. The Curies, and Rutherford played significant roles in these scientific 
pursuits. The radiations emanating from radioactive substances were subjected 
to elaborate investigations in magnetic and electric fields. Researches revealed 
the startling concept that radioactivity was a nuclear effect. Some atomic nuclei 
undergo spontaneous and sudden change, and release charged particles which 
are accompanied by radiant energy in the form of gamma rays. 

The radiations emitted by naturally radioactive elements were shown to be 
split by an electric or magnetic field into three distinct parts: alpha, beta and 


gamma rays. 


12.2.1. Alpha Rays: These consist of a stream of positively charged particles, 
called alpha particles, which carry a + 2 charge and have a mass number 4. These 
particles were shown by Rutherford to be identical with the nuclei of helium 
atom, that is, these are doubly charged helium ions Не?+ (atomic number 2, mass 
number 4). у 

The characterization of the alpha particles was based on several experimental 
results, The ratio of charge to mass of alpha particles was determined by a study 
of the deflection of their path in superimposed electric and magnetic fields, as 
was done by Thomson for characterization of electrons. Such experiments provided 
a value of 4.8 x 108 елт. units (1 e.m.u. = 3 x 101° ёзи) per gm and the value 
was independent of the source of the alpha particles. This e[m is almost half the 
ејт of proton. This means ifthe alpha particle carries a single charge like the 


r 
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proton its mass must be twice as large. Instead, if the alpha particle carries two 
units of charge then its mass must be four times as large as that of the proton. 
The matter was settled through independent measurements of the charge of the 
alpha particle, the magnitude of which was shown to be twice as large (9.3 x 10-19 
е.ѕ.и.) as that of the electron (4.8 101 e.s.i./electron). Therefore an alpha 
particle has to have two units of positive charge and four units of mass, that is, 
it is a doubly charged helium ion. 
Finally its identity with helium ion was shown by another novel experiment 
done by Rutherford. A quantity of purified radon gas, an alpha emitter, was 
placed in a thin walled tube A (Fig. 12.1). The tube A was 
sealed into another tube T connected to another spectrum 
tube S with arrangement for passing electric discharge. The 
tube T was evacuated, and after a few days the gas collected 
inside T was compressed by raising the mercury level. On 
passing a discharge in the tube S, the spectrum of helium 
was obtained. Control experiments showed that ordinary 
helium gas cannot pass through the walls of A into T. Alpha 
particles, however, are able to do so. Thus the identity of 
the alpha particles as He** was established. 
When an alpha particle is ejected from within the nucleus, 
K the nucleus of the mother element loses two units in atomic 
number, and four units in mass number. For instance, on 
ejection of an alpha particle by uranium nucleus (atomic 
number 92, mass number 238). the nucleus of the daughter 
element will have an atomic number 90 and a mass number 
234. Checking from the Periodic Table we can conclude 
that the daughter element will be an isotope of thorium, 
which also has an atomic number 90. This nuclear reaction 
is represented as: 


Mercury 


238 4 234 
Fic. 12.1. Apparatus for е0 — „Не + Th 
detection of helium in 
decay of radon In nuclear reactions the residual charges on the different 


species are ignored and the equations are designed to ex- 
press only the reactant nuclei and the product nuclei. However in such equations 
both the atomic number and the mass number must be balanced. 3 


12.2.2. Beta rays: These are made up of a stream of negatively charged particles 
(beta particles). They have been shown to be identical with electrons from a study 
of their behaviour in electric and magnetic fields and from a study of their e/m 
values (1.77 x 10* coulombs/gm). The ejection of a beta particle (charge — 1, 
mass 0) results from the transformation of a neutron (mass 1, charge 0) some- 


where at the surface of the nucleus into a proton (mass 1, charge + 1). 


1 1 9 
л — 4H + ae 


Consequently when a beta particle is emitted from {һе nucleus, (ће daughter 
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element nucleus has an atomic number one unit greater than that of the mother 
element nucleus. Ап instance of spontaneous beta emission is observed in the 
transformation of thorium—234 (atomic number 90, mass number 234) to protac- 
tinium—234 (atomic number 91, mass number 234): 

234 


234 9 
юп > «Ра + ле 


n H eX а n n H 234 
Once again in writing this nuclear reaction we ignore the residual charge on „Ра. 


A point must be understood 


well that beta particles are not one of the constituents 


of the nucleus. In some ways, not yet understood fully, a neutron in the nucleus 


changes to a proton and an 
dous velocity. 


electron, which electron is then ejected with a tremen- 


Although beta particles and electrons are identical in their electrical nature 
and charge/mass ratios, there is а fundamental difference between them. Ejection 
of an electron from an atom converts a neutral atom into a positively charged ion 
but leaves the nucleus undisturbed. Ejection of a beta particle changes the very com- 
position of the nucleus and produces an atom of the next higher atomic number. 

Neutrino: Breaking down of a neutron into a proton and a. beta particle 
creates a problem with the principle of conservation of angular momenta. Particles 
like neutron, proton and electron have spin angular momentum of + 3 А/2т each. 
It is thus seen that the equation: 


1 о 


1 
o >H + ue 


is not balanced insofar as angular momentum is concerned. If the angular momenta + 
ofthe proton and the electron are-+}h/2 п they exceed theangular momentum ofthe 
neutron. If they oppose each other then the moment become a zero in violation 


of that of the neutron. Pau 


li, therefore, postulated that alongwith the ejected 


beta particle another tiny neutral particle called neutrino is also ejected. This 
neutrino has also a spin angular momentum of +4 h/2m. The sum of the angu- 
lar momenta of the particles ejected (say + $ h/2m for the proton, —1 h/2n 


for the electron and + $ ^/ 


2« for the neutrino) may now be + 3h/2m being the 


- same as that of the neutron (say + 4/27). The mass of the neutrino is around 
0.00002 with respect to oxygen—16 scale. 


&. 
12.2.3. Gamma rays: These consist of electromagnetic radiation of very short 
wave length (A~ 0.005— 1A). These are high energy photons. The emission of 


gamma rays accompanies а! 


1 nuclear reactions. During all nuclear reactions there 


occurs a change in the energy of the nucleus due to emission of alpha or beta 
particles. The unstable, excited nucleus resulting from the emission of an alpha 
or beta particle gives off a photon and drops to a lower and more stable energy 
state. Gamma rays do not carry charge or mass, and hence emission of these rays 
cannot change the mass number or atomic number of the mother nucleus. For simpli- 


city emission of gamma rays 


is not commonly shown in nuclear reactions. 


А perusal of these three types of radiations shows that alpha particles and 
beta particles are charged species whereas the gamma rays are not. Hence*in an 


? 296 Й INORGANIC CHEMISTRY 

electric field or magnetic field the paths of the alpha particles and beta particles 

are modified whereas the gamma rays pass straight through undeflected. More- 
over the aipha particles and the beta particles are deflected 
towards negative and positive electric terminals respectively 
or to the two opposite poles of a magnetic field. Besides, 
the alpha particles being far more massive are deflected to a 
smaller extent than the beta particles. The relative response 
to an applied magnetic field is shown schematically in 
Fig. 12.2. A historical anecdote may be added to this figure. 
This figure first appeared in the Doctoral dissertation of 
Marie Curie. More interestingly the announcement of 
Marie Curie’s sharing the 1903 Nobel Prize came the same 
very year she was admitted to the Doctorate by Sorbonne. 

The alpha particles have initial velocities in the range 
of 1.5—2.0 x 10° cm/sec, approximately about a tenth of 
the velocity of light. Since the mass and velocity of the 
| alpha particles are large, they possess great momentum. 
Fig. 12.2. Deflection of However they can be stopped by an aluminium foil ~ 1/10 
radioactive rays in а mm thick. The absorption of alpha rays by metal foil 

magnetic field, The depends not only on the thickness but also on the atomic 
sample isenciosd weight of the element forming the foil, The alpha particles 
in a lead block A А T Е 
. can travel only a few centimetres of air before losing their 
energy. While doing so they ionise the air, They can travel 
no more than 2.8—8.6 cm of atmospheric air. 

The beta rays are ejected with tremendous velocity, being of the order of 
one-third of that of light. Sometimes the velocity becomes of the order of light. 
Because of this very high velocity beta rays are far more penetrating than the 
alpha rays. An aluminium foil about 5 mm thick can stop these rays. The same 
effect may be achieved by a lead foil only about 1 mm thick, again indicating the 
effect of the atomic weight of the absorbing material. à 

Gamma rays are short wave radiations which are not deflected by electric 
or magnetic fields. They are identical to X-rays but have still shorter wave lengths 
(X-rays, А: 10=7 to 10-9 ст; y rays: А, 10-* to 10- cm). These rays possess по 
mass and hence they are best considered as electromagnetic radiations similar to 
light. As a result of the very short wave length gamma rays are very penetrating. 
These may penetrate as much as 25 ст of iron and upto 8 ст of lead. 


Gamma 


12.2.4, Positrons : Since the works of the Curies and Rutherford yet another 
mode of nuclear transformation has been discovered. This involves the ejection 
of a positron ,,°e from within the nucleus. This ejection is made possible by 
the conversion of a proton into a neutron. 


1 i 0 
Н— о + не 
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An example is the transformation of gSbto 59Sn; 


120 
Ме) + psn + ne 


The ejection of positron lowers the atomic number by one unit but leaves the mass 
number unchanged. 


12.3, NUCLEAR REACTIONS VERSUS CHEMICAL REACTIONS 


Nuclear reactions afe different from chemical reactions in many respects: 

. 1. Chemical reactions involve some loss, gain or overlap of outer orbital 
electrons of the reactant atoms. Such reactions cannot alter the composition of 
the nuclei, so that the atomic numbers of the elements remain unchanged. On 
the contrary nuclear reactions involve emission of alpha particles, beta particles 
or positrons from inside the nucleus, which leads to a change in the atomic number 
of the nucleus. In some artificially induced nuclear reactions, neutrons are absorbed 
by a target nucleus producing an isotope. Nuclear reactions therefore lead either 
to the birth of another element or produce isotope of the parent clement. 

2. Nuclear reactions are accompanied by energy Changes which far exceeds: 
the energy changes in chemical reactions. For example, the energy evolved in the 
radioactive transformation of one gram of radium is five hundred thousand times 
as large as the energy released when one gram of radium combine with chlorine 
to form RaCl,. i 

3. The nuclear reactivity of a radioelement is independent of its state of 
chemical combination. Thé radium atom in elementary radium and the radium 
ion in Касі, are similar in their radioactive behaviour. ; 

'4. In expressing chemical reactions we take into consideration the number 
of extranuclear electrons that participate in such reactions. In nuclear reactions 
this is not considered since nuclear reactions take place within the nucleus. 

5. Different isotopes of the same element show identical chemical properties 
since they possess the same electronic configurations, But these isotopes show 


n а : n 
different nuclear properties, For example, „С and „С possess similar chemical 
12 
properties but their nuclear properties are widely different. „С is vety stable but 
14 

С decays spontaneously by beta emission giving а stable nucleus of ;N. 

6. Whereas chemical reactions are dependent on external conditions such 
as temperature and pressure, nuclear reactions are not. 


12.4. NUCLEAR INSTABILITY—THE CAUSE OF RADIOACTIVITY 


Since radioactivity is a nuclear phenomenon it must be connected with the 
instability of the nucleus. We have already learnt that the nucleus of an atom is 
composed of two fundamental particles, protons and neutrons. Since all elements 
are not radioactive, the ratio of neutron to proton of the unstable, radioactive 
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nucleus is the factor responsible for radioactivity: Nuclear scientists have studied 
this problem and have concluded that the stability or the instability is connected 
with the pairing of nuclear spins. Just as electrons spin around their own axes 
and just as electron-spin pairing leads to stable chemical bonds, so also the nuclear 
protons and neutrons spin around their own axes, and pairing of spins of neutrons 
among neutrons, and pairing of spins of protons among protons lead to nuclear 
stability. When all the- non-radioactive, that is, stable isotopes of the elements 
are considered it is observed that nuclei with even number of protons and with 
even number of neutrons are the most abundant. It will be noted that even numbers 
lead to'spin pairing, and odd number leads to unpaired spins. Nuclei with either 
of the proton number or the neutron number odd are slightly less stable than even 
numbered ones. By far the least stable isotopes are those which have odd numbers 
of protons and odd number сї neutrons. The nuclear spin pairing is a minimum 
when odd numbers of both are present. 

Alongwith the odd or even number of protons and neutrons, the nuclear 
stability is also profoundly influenced by the relative numbers of protons and 
neutrons, The neutron/proton ratio (п/р) helps us to predict which way an un- 
stable radioactive nucleus will decay. A useful graph is obtained by plotting the 
number of neutrons in the nuclei of the stable isotopes against the respective 
number of protons. Such a plot is shown in Fig. 12.3. A study of the figure shows 
that the actual n/p plot of stable isotopes breaks off from the hypothetical 1 : 1 
n/p plot at around an atomic number 20, and thereafter rises rather steeply. This 
indicates that as the number of protons increases inside the nucleus more and 
moreneutronsareneeded to minimise the proton-protonrepulsion and thereby to add 
to nuclear stability. Neutrons therefore serve as binding material inside the nucleus. 


РА 
Ñ 
о 


Number of Neutrons 
s 


Number of protons 


Fic. 12.3. n/p ratio in stable isotopes 


The way an unstable nucleus will disintegrate will be decided by its position 
with respect to the actual n/p plot of stable nuclei. When an isotope is located 
above this plot it has too high an n/p ratio, and when it is located below the plot 
it has too low an n/p ratio. In either case the unstable nucleus should decay so as 
to approach the actual n/p plot, We now discuss the two cases of decay: 
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12.4.1, Neuron-to-proton ratio too high : An isotope with too many neutrons 
in the nucleus (that is, with more neutrons than is needed for stability) can attain 
greater nuclear stability if one of the neutrons decays to a proton. Such a disinte- 
gration leads to the ejection of an electron from inside the nucleus: 

1 1 0° 

ot Н + де 
Thus beta ray emission will occur whenever the пјр табо is higher than the 
пјр value expected for stability. This is almost always the case when the mass 
number of the radioactive isotepe is greater than the average atomic weight of 
the element. 

The пјр ratio for stable carbon-12 is 1.0 but that of carbon-14 is 1.3. It can be 
predicted that сагбоп-14 will be radioactive and will emit beta rays. Similarly 
the пјр ratio for stable iodine-127 is 1.4. For iodine-133 the n/p ratio equals 1.5 
and it is again predicted to be a beta emitter. Experiments reveal that these predic- 


tions are correct. 
M 14 o 133 133 ° 
С —— GN + де; ssl > aXe, ae 


Recall that beta emission increases the atomic number of thedaughier by опе unit. 


12.4.2. Neutron-to-proton ratio too low : А nucleus deficient in neutrons will 
tend to attain nuclear stability by converting one ofits protonsto a neutron and 
this will be achieved either by the emission of a positron or by the capture of an 
electron. Such decay occurs with a radioactive isotope whose mass number is 
less than the average atomic weight of the element." 

Positron emission occurs with light isotopes (low пјр) of elements of low 
atomic number. Thus nitrogen-13 (л/р = .86) decays by positron emission. Simi- 
larly iodine-121 has an n/p ratio 1.3 which is below the n/p ratio of 1.4 of stable 
iodine and thus expectedly decays by positron emission. 

13 13 о 121 121 • 
INC CH pes sb sale + ne 

Recall that a positron emission reduces the atomic number by one unit. 

Orbital electron capture occurs with too light isotopes(too low n/p)of elements 
of relatively high atomic number. For such elements the nucleus captures an 
electron from the nearest orbital (K shell; л = 1) and thus changes one of its 
protons to a neutron. Examples are: 

82 9 82 194 9 194 
aRb + це — a Kr; s4Aucb ae —> прі 

The net effect of the nuclear transformation resulting from orbital electron 
(K electron) capture is the same as that observed with positron emission. In both 
cases, a proton in the nucleus is converted to a neutron. In orbital electron capture 
as soon as the K electron drops into the nucleus electrons move in successively 
from higher energy orbitals to fill in the vacancy in the K shell. The excess energy 
in such transitions is given off in the form of X-rays. 

The Fig. 12.3 extends to bismuth-209 (atomic number 83) only, since no 
nucleus heavier than this is known to be stable. Thus we conclude that among the 
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heaviest nuclei the total proton-proton repulsion is much too large— so large that 
the binding effect of neutrons is not enough even to lead to a single, stable non- 
radioactive isótope. For such nuclei alpha particle emission is a common mode 
of decay. Examples are: 


35 233 4 
Th — пева + ‘He р Би» woth + He 
238. 224 4 
sU —— th + He 
398 231, м À 
The isotopes 4gRa, saThand Th are not stable either. These too decay till the 
decay products are isotopes of stable, non-radioactive lead. 


12,5. DISINTEGRATION SERIES AND GROUP DISPLACEMENT LAW 


We have just seen that the radioactive elements continue to undergo successive 
disintegration till the daughter elements become stable, non-radioactive isotope 
of the element lead. The mother element alongwith all the daughter elements 
down to the stable isotope of lead comprise what is cafled a radioactive disinte- 
gration series. A great deal of physical and chemical investigations was needed 
to identify the different stages in the disintegration series. One such series is shown 
in Table 12.1. Uranium-238 decays ultimately to an isotope of lead. The entire 
route involves alpha emissions in eight stages and beta emissions in six stages, 
the overall process being: 


238 208 4 0° 
sU ——> gPb +8 He + 6 е 
Table 12.1. Uranium-238 Radioactive Disintegration Series (4 + 2 series) 


ass alpha зз beta gj beta asa 
aU ——— 90 —r» Аба 


alpha 
за. alpha аза alpha ase alpha 430 


иРо «— — Еп ——— „Ка+—— ж 


| alpha 
na beta за — beta зм. alpha so 
sgPb ———» ,5Bi —-—> „РО ———> 4 


beta 
лов — alpha зо beta ду 


saPb «— — „Ро «— — , Bi 
The mass numbers of all the above disintegration products are given by 4n + 2 
(n = 59 for uranium-238). This disintegration series is also known as 4n + 2 
series (n — an integer). 
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The identification of so many steps in the entire course posed a problem with 
respect to the accommodation of the decaying elements and their daughters in the 
Periodic Table. It was at this time (1913) that Soddy proposed his group displace- 
ment law: 

“When an alpha particle is emitted in a radioactive disintegration step, the 
product is displaced two places to the left in the Periodic Table but the emission of 
a beta particle results in a displacement of the product to one place to the right.” 
We have already stated this in terms of change in atomic number. A point must 
be brought home to the young readers: the year when Soddy proposed the law 
was 1913 and our knowledge of atomic structure was still incomplete. Soddy ~ 
had to rely on his own chemical intuitions to propose the law. Extensive chemical 
studies on the disintegration products of the different series preceded the announce- 
ment of the law. Soddy also observed that more than one product often belonged 
to the same Periodic group. He further established that the product elements 
belonging to the same group positions, had identical chemical properties, though 
their radioactivities were different. Soddy coined the term isofope (same place) 
for such elements occupying the same place in the Periodic Table. We have already 
introduced the term ‘isotope’ in Chapter 1 and have seen that varying number 
of neutrons in the nucleus of atoms of the same element are responsible for the 
different atomic weights of the isotopes. A study of the displacement law further 
reveals that when a parent radioelement emits one alpha particle, the daughter 
a beta particle and its daughter again a beta particle, then the product occupies 
the same Periodic group as the parent radioelement. 

The radioactive series shown in Table 12.1 was the first to be disovered. 
Two other series were discovered later: the 4n + 3 series (п = an integer) starts 
with uranium-235 and ends with the stable isotope lead-207 and the 4n (n = an 
integer) series starts with thorium-232 and ends up in lead-208. 


Table 12.2. Uranium-235 Disintegration Series (42 + 3 series) 


sx alpha за beta ш alpha ss; 


WU wl — «Ра ———. вас 
; | 
| beta 


su alpha ais alpha ss; alpha «з; 


APO: < ККП == E КА Аг Ih 


alpha 
{ 


аш beta зш alpha zo 08а шт 
РЫ ——— s Ві ——> в111——— 8; 


е UU ДВЕ ШИ эск зы —————-ь-—=я 


302 | INORGANIC CHEMISTRY 


Table 12.3. Thorium-232 Disintegration Series (4л series) i 


„aa alpha yas beta ss beta sze 


so Th 23 ssRa ——— вәАс ——— mu 
| 
| alpha 
| 

ма alpha а alpha агь alpha зза 

s; Pb < "E agRn «——— „Ка 


beta 


u beta gua alpha ao 
1 ——— so ——— ва 


The reader should note that all three radioactive series end in lead. This 
is because of the fact that all the three isotopes oflead (sre. "Pb. 9) 


are non-radioactive and furthermore lead is nearest (о the naturally occurring 
radio-elements. 


12.6. MEASUREMENTS OF RADIOACTIVITY , 


Measurements of radioactivity аге based on the following principles: 

(a) radioactive radiations can ionise a gas, (b) radioactive radiations can produce 

Juminiscence in substances like zinc sulphide or barium platinocyanide, (c) radio- 
active radiations can affect photographic emulsions like ordinary light rays. 

‚ (a) A charged particle like an alpha or beta particle is endowed with a strong 

electric field all around itself. Such particles, while moving through a gas, can 

lead to ejection of orbital electrons from the atoms or molecules constituting the 

gas. Thus the passage of charged particles result in the formation of ion-pairs— 

orbital electrons and the resülting positive ions. The more slowly moving particle 

spends more time in the vicinity of the gaseous atoms or molecules, and hence it 

creates more ion-pairs. Gamma rays also indirectly eject electrons with great 
velocity. These fast moving electrons in their turn again produce ion-pairs. 

During the early days of radioactivity 

Becquerel and Curies made use of a gold 

leaf electroscope for measurements of 

radioactivity. These measurements were 

made possible because of the ionisation 

of the air by the radiations. A gold leaf 

Charged Discharged electroscope (Fig. 12.4) consists of a short, 

Fic. 124. Gold leaf electroscope vertical metal rod with a metal plate af 

the top. At the lower end of the metal rod 

ate attached two small rectangular gold leaves, hanging vertically. А major por- 

- tion of the rod alongwith the declicate gold leaves is enclosed in a box. Proper 
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insulation is made and the arrangement protects the gold leaves from air cur- 
rents, If an electric charge is applied to the top metal plate, the gold leayes repel 
each other due to accumulation of similar charge. If the air in the box is now 
ionised due to alpha, beta or gamma rays, then the air becomes an electrical 
conductor and allows the gold leaves to be discharged. The charge on the leaves 
passes into the air, repulsion of the leaves ceases and the leaves come back to 
the vertical positions. Becquerel found that a uranium salt brought close to a 
charged electroscope caused the latter to discharge. j 

Modern equipments for measurements of radioactivity also utilise the ionisa- 
tion principle. The ionisation is amplified into an electrical signal. A common 
type of Geiger-Muller counter (Fig. 12.5) consists of a metal cylinder through 
which passes a central wire. The cylinder serves as the cathode and the central 
wire as the anode. The anode and the cathode are properly insulated. The cylinder 


Mica window 


Argon atom Insulator 


Fic. 12.5. A model of Geiger-Muller tube 


has a mica window and is filled with argon gas. A very high voltage (~ 1000 volts) 
is maintained between the two electrodes. When a radiation (say a beta particle) 
penetrates the thin mica window and enters the tube, it ionises a large number 
of argon atoms. Resulting electrons are attracted to the anode wire and the argon 
cations to the cathode. The tube is thus discharged and current flows. Each dis- 
charge is amplified and registered as a loud click or as a number in a suitable 
counting rate meter. 

(b) Becquerel first noted that tadioactive radiations, like cathode rays and 
X-rays, can produce luminiscence in a number of substances such as zinc sulphide 
or barium platinocyanide. This property of radioactive rays was most prominent 
with alpha particles. The impact of alpha particles on a screen of zinc sulphide 
was registered as a bright flash which could be watched in a dark room with a 
telescope. Counting the number of such flashes provide a quantitative measure- 
ment of the radiation. The number of scintillations produced by an alpha ray 
source on a zinc sulphide screen compares with the results from Geiger-Muller- 
counter. The scintillation technique was abundantly used by Rutherford during 
the early days of radioactivity. { 

(c) That radioactive radiations can affect photographic plates formed the 
very basis of the discovery of radioactivity. 

In practice radioactivity is expressed in terms of the number Of disintegra- 
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tions per second. One gram of radium undergoes about 3.7 x 101 disintegrations 
per second. The quantity of 3.7 x 109 disintegrations per second. is called the 
curie, which is the unit of radioactivity. Millicurie and microcurie respectively 
correspond to 3.7 Х 107 and 3.7 x 10* disintegrations per second. On this basis, 
radioactivity of radium 15: 1 curie per gram. Phosphorus-32, a beta-emitter, has 
an activity of 50 millicuries per gram. This means that for every gram of phos- 
phorus-32 in some material containing this species there are 50 x 3.7 x 107 
disintegrations taking place per second. One disintegration per second is called 
a becquerel. Thus one curie is equivalent to 3.7 x 10!* becquerel. 

Neutrons are also involved in many nuclear reactions. Secondary reactions 
whereby a neutron produces a charged particle like proton or alpha particle via 
reaction with a suitable compound are made use of in neutron determination. 
Usually a counter containing BF; gas is used. Alternatively the wall of the counter 
is coated with BF,.CaF,. As neutrons enter the chamber they force a reaction 
of the type: 


10 1 Jers 4 

sB + ot Li + He 
The alpha particle then ionises the gas (say argon) inside the chamber and the 
number of counts recorded gives the number of neutrons. 


12.7, RATE OF RADIOACTIVE DECAY 


The rate at which a radioactive sample disintegrates can be determined by 
counting the number of particles emitted in a given time. In such measurements 
care is exercised to exclude the radioactivity arising out of the disintegration 
of the daughter element. 

Radioactive decay is one important natural phenomenon obeying the first 
order rate process. The rate can be expressed as: 


dN 
a = WEN ««- (1) 


where N is the number of the atoms of the disintegrating radioelement, t is the 
time over which the disintegration is measured and k is the radioactive decay 
rate constant. k is a specific characteristic of a radioelement. The quantity dN/N 
represents the fraction of the total number of atoms which disintegrates in time 
dt, Then (—dN/N)/dt (= k) represents the fraction of radioactive atoms that 
disintegrates in unit time. dN/dt is the instantaneous rate at which the radio- 
element disappears. The negative sign shows that N decreases with time. Re- 
arranging and integrating over the limits М and N and time, f and 0: 


dx 


N t 
амс T [ R 
W = nna: | пр =~, kdt nate) 


N t * 
Therefore [ da N) = — Í kdt Эу 
Ко у о 
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N N 
LEES a Мети f 
In M kt or % ем «(4 


Converting to the logarithm to the base 10, we have 


2,303 log % = kt ...0 
If the rate of disappearance of the disintegrating element is followed over 


a period of time the rate constant k can be evaluated froma plot of log * against 
d 0 


time t. After a certain period of time the value of У becomes one-half, that is, 
о 


half of the radioactive elements have undergone disintegration. This period is 
called the half life of the radioactive element and is a characteristic property of 
a radioactive element. The half life is given by 


2.303 log (1/}) = kt so that q = 0623 ‚..(@ 


Po has t; equal to 42  10-* sec, whereas that of "Bids 3 x 107 years. 


Uranium-238 has a half-life of 4.5 x 10° years. 

Radioactive decay measurements allow an accurate determination of the 
Avogadro number. We have just seen that KN represents the rate of decay of 
the radioactive element. If N stands for the number of atoms present in one gram 
of the element then 


__ Avogadro number 


N = —mass number 
Therefore EN k. Avogadro number 


mass number 


_ 0.693 x Avogadro number ` 
m 1, X mass number 


If each atom of the radioclement expels one particle then kN, the rate of decay, 
is also the rate at which such particles are ejected. One gram of radium undergoes 
3.7 x 101 disintegrations per second so that the Avogadro number can be 
calculated. 

3.7 x 10 x 1590 x 365 x 24 x 60 x 60 second x 226 

Avogadro Number — T second x 0.693 
: - (mass number of radium = 226 
= 60 x 10% t} = 1590 years) 
Besides half life of a radioelement, another aspect of the life of a radioelement 
must also be known. It is possible to determine from the above the average life 
period of a radioactive atom present in an aggregate of a large number of atoms. 
Average life period of an atom of the radioelement tells us the average span of 


20 
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time after which the atom will disintegrate. The exponential law of radioactive 
decay 


zmeHiN--—MNe ea) 


indicates that there is a certain probability that a particular atom will disintegrate 
at a given time. The law also shows that the probability is proportional to the 
number of atoms present at that given time. The Jength of time a radioelement 
atom can live before it disintegrates may have values from zero to infinity. This 
explains the gradual decay of the radioclement instead of a decay of all the atoms 
at the same time. The equations (1) and (7) can be rearranged to give: 


dN = —kNdt = —kN,e-*dt ...(8) 


In the small time interval dt (between t and t + df) а small number of atoms dN 
disintegrate. Since dt is a small time period we can take dN as the number of 
atoms disintegrating at the time f. If we start recording time 1 from a particular 
instant, then dN represents the number of atoms with a life span of t. The total 
number of atoms №, is composed of many such small numbers of atoms dN;, 
dN, аз, etc. each with its own life span 11, te, ts, etc. The life span ¢ will varyfrom 
zero to infinity due to the exponential nature of the decay. 

The sum of the products of the type tdN divided by the total number of atoms 
No will give the average life of the radioelement. 


пам, + һа№, + па, +... _ ds ау 


tav = No 


A | ДЕМ л [ "ен _ 


Es "T 
N No | tke-*tdt 


0 

kt 4- I ux 1 
ADIIT. 
The average life of a radioelement is thus the reciprocal of its radioactive dis- 
integration constant. This result can also be derived in a very simple, alternatve 
way. Since the radioactive atoms may be regarded as having an average life, then 
the product of the fractions of atoms disintegrating in unit time (that is К) and 
average life must be unity. 


tavk = 1 so that fav = + 


The connection between average life and half life is thus simple: 


n = 2? обоз, 


It is obvious that a short lived radioelement has small value for its tj and tav, 
and very high value of decay constant, It should be noted, however, that a definite 


fraction k will decay in unit time, although we cannot forecast which particular 
atoms will disintegrate. 
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Some important aspects of radioactive disintegration process need to be 
noted. 

1. Since the disintegration process obeys the first order rate law, the ty is 
independent of the amount of the sample. Another way of stating this is that the 
rate (not rate constant К) at which the disintegration occurs is proportional to 
the amount of the element present. The independence of f} of the amount of the 
sample is shown by decay curve of iodine-131 (Fig. 12.6)—a beta emitter with 
half life of 8.1 days. 

2. The rate of decay is independent of pressure and temperature, It implies 
that the activation energy for radioactive decay is zero. 

3. After п half lives have elapsed the amount of the radioactive element 
remaining will be (4)". For example, after four half lives only 1/16th of the orginal 
element will be left behind. , 


Percent activity 


10 20 30 
Number of days 


FiG. 12.6. Decay curve of iodine-131 


Problem: Half life of Rn-222 is 3.82 days. Calculate the weight of 1 curie 


of Rn-222. 
1 curie of Rn-222 is that weight which produces 3.7 x 1010 disintegrations 


per sec. 


„ 0693 0.693 ра а, 
к= п = 3070860 х 80 о“ 2.1 х 107* sec 


Given — A = 1 curie = 3.7 X 109 disintegrations sec-* 


Let x be the required weight of Rn-222 in gm. 


aN. os Se pgm 2 = 10 
—ua = EN = 2 x 6.02 x 10 3.7 x 10 


Here 5 x 6.02 x 1023 represents the number of atoms of Rn-222,that will 


produce 1 curie disintegrations. 


дох = 65 x 10-5 gm. 


308 'INORGANIC CHEMISTRY 


Problem: 1.00 gm pitchblende contains 70 per cent uranium. Assuming that 
there has been no loss of radon gas from the ore how many alpha emissions 
and how many beta emissions will occur per second ? (7; for uranium-238 
is 4.5 x 10? years). 

Table 12.1 shows that uranium-238 series gives a total of eight alpha particles 
and six beta particles for every U-238 atom. The problem is to find first the number 
of U-238 atoms that disintegrate per second. 


0.693 


——————————« 
k= 335010 x 365 x 24 X 60 X 60 sec 
E а 0.693 „07 х 602 x 107 
<от МАУ 365 X24 x 00 MOOSE ^ — 28 — 


= 0,868 x Т0* ѕес-1 (1 gm pitchblende contains 0.7 gm U-238) 
*, number of alpha emissions per second 

0.868 x 10* x 8 sec? = 69240 sec? 

*. number of beta emissions per second 

0:868 x 10* x 6 sec? = 52100 sec? 


Ш 


Ш 


Problem: | gm radium-226 is placed in a seaied tube. How much helium 
will be evolved in 60 days 2 (5 = 1590 years). д 
, From Table 12.1 it is seen that each radium-226 gives out five alpha particles. 


0.693 


k = 1390 x 365 days 


dN 0.603 x 1 x 6.02 x 102 * 
+ — —— = = ———————M— = 
Qm КЕ трубу. — 218 х 107 per day 


So the number of radium-226 atoms disintegrating in 60 days — 60 x 3.18 x 108. 
Number of alpha particles produced — 5 x 60 x 3.18 x 10%, Avogadro 
number of helium atoms occupy 22.4 x 10° ml at N.T.P. Thus the volume of 
helium gas is given by: 
5 x 60 x 3.18 x 10 x 22.4 x 108 
ДОУ ӘДӘ iA sure шш 
602 x OF - 0.035 ml. 


Problem: 2.00 g of Bi decays at such a rate that 0.500 gm of it is left after 


10 days. Calculate (a) the radioactive decay.rate constant k (b) the amount left 
after five days and (c) the half life of the isotope. 

Ny 

е 

Then kt = 2.303 log (2.00/0.50) = ‘2.303 log 4.00 

sk = 2.303 log 4.00/10 days = 0.138 day 


(a) 2.303 log 


2.00 
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(b) 2.303 log = 0.138 (бау)! х 5 (days)! = 0.69 
7. log (2.00/N) = 0.69/2.303 = 0.3 


Г. log N = log2 


00—03 = 0 


+. М = antilog of 0 = 1.00g. 
(c) half life is given by 2.303 log а) = ky 


3 0.693 
v t 


0.693 


0138 (day) ^ 5 days 


12.8. RADIOACTIVE EQUILIBRIUM 


The rate at which a radioelement decays must also be the rate at which the 
daughter element is formed. ТЕ these radioelements are members of а disintegra- 
tion series then the above daughter must again decay to produce its own daughter 
and so on. Since the rate of decay of a mother element is equal to the rate of forma- 
tion of its daughter, and also since rate of decay is dependent on the amount of 
each element, it follows that a state of equilibrium will soon be reached. Thus 


dN, .dN, _ ам 
й 


where Ма, Ns, Ns, etc. represent the number of atoms of the differentradioelements .. 


in the series present at cqu 
section that 


ilibrium. It follows from equation (1) of the preceding 


куу, = kN. = Куу 


At radioactive equilibrium 


the amounts of radioelements are therefore inversely 


proportional to their decay rate constants. Recall that half life tj, and k have au 
inverse relation. Therefore the amounts of radioclements in а decay series ar* 
directly proportional to their respective half life periods. 

An important aspect of radioactive equilibrium is that even though different 


amounts of radioelements 


are present, all elements at equilibrium disintegrate 


at the same rate. Same number of atoms of different elements disintegrate in a 
given time. This becomes obvious from the above relations. 

Radioactive equilibrium is conceptually very different from chemical equili- 
brium. А chemical equilibrium is established when the rates of the forward reaction 
and the backward reaction are the same. Such an equilibrium is reversible and 
may be made to go this way or that by a change in temperature, pressure or con- 
centration of the species involved. A radioactive equilibrium is irreversible and 
no change in the external conditions can bring about а change in the equilibrium, 


12.9. ARTIFICIAL TRANSMUTATION 


Having described his 


brilliant experiments on alpha particle scattering by 


thin metal foils of platinum, gold, etc. in 1909, Rutherford started probing with 
his alpha particles in still newer areas. These ventures paid off, and Rutherford 
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announced yet another startling discovery of synthesizing elements by artificial 
means. 

Rutherford reported in 1919 that high energy alpha particles interact with 
nitrogen gas to produce protons of high energy and hence of longer penetrating 
range. Rutherford made sure that the protons had not arisen out of impurity in the 
nitrogen. Control experiments done on very pure hydrogen showed that the pro- 
tons resulting from ionisation by alpha particles were far less energetic, hence of 
shorter range. Rutherford succeeded in proving that this bombardment of nitrogen 
by fast moving alpha particles had led to a nuclear reaction of the type: 

14 à 17 1 
N + Не ,0+,H 

The reaction has given birth to an isotope of oxygen. This was the first example 
of artificial transmutation of elements. Thus Rutherford made a small but sure 
step to the realisation of alchemists’ dream of turning iron into gold. Syntheses 
of hitherto unknown elements became possible in course of time. 

On account of the very high repulsion between positively charged alpha 
particle and a heavy atom nucleus (say of gold, platinum, etc.) of high positive 
charge, no artificial transmutation could be achieved by Rutherford; instead these 
experiments provided us with one of the most important clues to the atomic struc- 
ture (Chapter 1). 

Later experiments by Chadwick showed that other elements could be built 


from lighter elements. When powdered beryllium is mixed with a trace of the 
alpha emitter radium, the following reaction occurs: 

“9 4 12 1 

,Be + „Не — «С + пп 
Incidentally it may be mentioned that this particular transmutation reaction led to 
the discovery of neutron. 

These discoveries inspired nuclear scientists to undertake many different 
types of artificial transmutation reactions. Other bombarding projectiles were 
soon tried and new results obtained. Techniques were also devised to increase 
the speed of the bombarding projectiles so that the projectiles could effectively hit 
the target and bring about a nuclear reaction. 

It is believed that at first an unstable compound nucleus is formed out of the 
reaction of the target nucleus and the bombarding particle. The compound nucleus 
then emits one or more particles of high energy and changes to a new nucleus in 
order to gain stability. A positively charged projectile (say, a proton) will naturally 
be strongly repelled by the positive field of the target nucleus. This repulsive barrier 
is usually overcome by imparting enhanced speed to the projectile. A neutron 
(being devoid of a charge) has no repulsive barrier and thus nuclear transmutations 
are more easily achieved with neutrons. Examples of some artificial transmutations 


are given in Table 12.4. High energy gamma radiation has also been found to 
result in transmutation of the (y, п) type: 


2 а 1 9 8 1 
1D + у — H + yn; Be + у— ‚Ве dn 


К 
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These gamma-radiation (photo-) induced reactions have been variously termed 
as photodisintegration, photonuclear reaction or as nuclear photoeffect. 


Table 12.4. Typical Bombardment (Transmutation) Reactions 


sS AREIS UHR а ENUMERARE aS 


Bombarding Expelled Transmutation Reactions 
particle particle 
1 31 1 31 1. ( 
oft uP + sH-— 155 + of W, n) 
* ^ 
Proton cf ) 
4 nu 1 4 
He B +H — 3,He А 
| he ate Pie une 


miu ve UT) 


‘a Beds е HOP) 

Deut: ^ 
p 1 » А w 1 \ Dn y) 

E Be + H—> Веи у 4 

‘He ido Eis: ш + ‘He (0,4) 
ОСОНИ навек е и 

0 + 4 

л МАЈ + iHe — uP tot Qn) 
Alpha 

‘a igs и Ms 

^j 

‘a Cp оңун? 
Neutron 

tHe MNT вране Cn №) 

за "obere te (nuin) 


S UU EA ЧО 2e) 
(n ceo 


E eS ee „1 2—1 


1 1 2 
Y 1H + yr — aH Hy 


The Cyclotron: It is a machine used to impart extra kinetic energy to posi- 


312 INORGANIC CHEMISTRY 


tively charged projectiles. Charged particles are accelerated by the simultaneous. 


application of an electric and magnetic field. 
The cyclotron consists of two D-shaped semicircular hollow boxes (D, and D;) 


known as ез, The two dees are a few cm apart and are placed in a closed vessel. 
è ; Atthe centre S of the corridor between the two 
dees there is an electrically heated filament which 
emits electrons (thermionic emission). The dees 
alongwith the enclosing vessel is placed between 
the poles of a powerful electromagnet. The dees are 
connected to an alternating high voltage source. 
The vessel is evacuated and an appropriate 
gas (hydrogen, deuterium or helium) is introduced. 
The electron beam from the heated filament ionises 
the gas at S and thus positive projectiles (proton, 
deuteron or alpha particle as the case may be) are 
Р. 12.7. Working Brinciple of generated. 
Ewa s Maa das , Let us assume that at a particular instant D, 
Large evacuated chamber is negative. The positive ion at S will then move 
encloses the dees, towards D, but then it is also under the influence 
of a magnetic field at right angles to the electric 
field, The result is that it moves in a circular path inside D,. As it emerges from 
D, and reaches the corridor between the dees it is again under the influence of 
the applied potential difference. If the oscillating high voltage source changes its 
sign at the moment the positive ion reaches the corridor then D, will be negative 
and the Positive ion will be accelerated towards D,. Since its energy is now greater 
it will move faster, With increase in velocity the radius of curvature of its path 
will also increase. It follows (page 6): i 


e ш; um 

m и>" еН 
where m is the mass of the ion, e is the charge, v the velocity, Н the magnetic field 
and r the radius of curvature of the circular path. So m, e and Н remaining con- 
stant, r has to increase with increasing velocity. 

If the above movement is repeated over and over again the particles will 
-move faster and faster in paths of larger and larger radius. Finally these are deflec- 
ted from the periphery of one of the dees and are made to strike the target. 

A very novel feature of the cyclotron is that the time taken by the charged 
particle in traversing in semicircular path in the dees is independent of both the 
velocity of the particle and the radius of the path. Since a dee is half a circle the 
г-да 3 the path is zr, so that time / taken by the particle to complete travers- 


LE nr тт 


v Не 
« which carries neithr v nor ғ, Thus increased length due to increased r is balanced 
by increased v, 
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12.10. ARTIFICAL RADIOACTIVITY 


In the early thirties Irene and Frederick Joliot-Curie devoted themselves to 
the study of artificial transmutation reactions. By bombarding certain light iso- 
topes with alpha particles, they produced several isotopes of'low mass numbers. 
Some of the reactions provided interesting results. Aluminium target was bombar- 
ded by alpha particles with the following results: 


27 4 30 1 

вА! + ,He — Бр + от 
The Joliot-Curies noted with happy anguish that the reaction was accompanied 
with positron emission, and further that on withdrawing the alpha particle source 
ueutron emission stopped but not that of positron. This could be explained only 


on the basis that the artificially synthesized phosphorus-30 isotope was radio- 
active and that it decayed by positron emission. It may be noted that non-radio- 


20 30, o 
wP > 151 + pe 


active, naturally occurring phosphorus-31 has 15 protons and 16 neutrons, Hence 
phosphorus-30 has a low neutron to proton ratio and is apt to decay by positron 
emission producing stable, non-radioactive silicon-30. Thus the Joliot-Curies 
were the people to'show that radioactivity can also be created artificially by trans- 


mutation reactions. Some examples are: 
z4 4 7. 1 35. 37 • 
Mg + 4Не — Si + 95 usi => А! + ме 
13 1 13, 13 9 
өв iHe Nb у; aN С + ме 
Besides alpha particles, other projectiles can also lead to the syntheses of 
unstable, radioactive isotopes. Some examples are given below: 
23 з 1 a " м 
Na +H H + Ма ; има -> «М8 + „е 
1 30 4 30 30, 9 
uS tH P+ зНе мр + Si + ме 


4 ЕП 4 м о 
SAI + A Ма + «Не; ума — „МЕ + ле 


1 за з 5 as ° 
aK + gt nK + 245 iK > A + n 
23 1 23 29 ° 
заа + yt Ne + 1H ; wNe— има + де 


An interesting historical anecdote may be added to the Joliot-Curies’ re- 
searches on artificial radioactivity. They were at considerable pains with the 
aluminium —alpha particle reaction because the neutron was not identified and 
announced at the time they bezan these researches. In 1932 Chadwick announced 
the discovery of the neutron as а result of artificial transmutation reaction of 
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beryllium with alpha particle producing carbon nucleus and neutron. After this 
announcement the Joliot-Curies realised that their experimental results on the 
properties of the expelled particle (that is, neutron) coincided with those reported 
by Chadwick for neutron.. Unfortunately the Joliot-Curies missed Rutherford's 
1920 Bakerian lecture wherein he predicted the existence of a particle like neutron. 
If this theoretical clue were known to them, probably the honour of discovering 
the neutron would have gene to the Joliot-Curies rather than to Chadwick. 

Irene and Frederick Joliot-Curie joined the select band of Nobel Laureates 
in 1934 for their original studies of artificial radioactivity. 


12.11. THE MAN-MADE ELEMENTS 


Till the year 1937 our Periodic Table ended in uranium (atomic number 92). 
The Table also had four gaps for four missing elements corresponding to the atomic 
numbers 43, 61, 85 and 87. Within a span of five years, between 1937 and 1942, 
radioactive isotopes of these elements (technetium Тс, atomic number 43; pro- 
methium Pm, 61; astatine At, 85 and francium Fr, 87) were all synthesized by 
artificial transmutation techniques: 


98 1 99 99 99 о 
1. «Мо + ол –>аМо +73 аМо—ате + е 


148 1 148 1 147 147 0 
2. goNd --j;H-— Pm yr; Nd — врт + ie 


236 1 227 137 E 0 
3. ба + ot — вВа фу; ӊКа — Ас + ще; 


227 99% зат ° 
ВАС ——— от + е 


223 4 
0 a; FE +,He 
209 4 an 1 
4.  gBi + «Не — А+ 2 yt 
Actinium-227 exhibits a branched disintegration. Besides undergoing a beta 
decay, it also simultaneously emits an alpha particle. This latter disintegration 
produces francium-223. Physical and chemical studies identified these elements 
and assigned to them proper positions in the Periodic Table: francium with the 
alkalies in group IA, technetium after manganese in group VIIA, astatine with the 
halogens in group VIIB and promethium with the rare earths. 

Twelve more new elements past uranium have now been synthesized and 
characterised largely through the remarkable efforts of Seaborg at Berkeley, U.S.A. 
Table 12.5 describes the transmutation reactions performed for these syntheses. 
Their syntheses and characterisations demanded of the scientists skill, devotion 
and originality of the highest order. It is interesting to note that these elements 
have often been obtained in submicrogram (~ 10-5 to 10-5 gm) quantities and 
often with extreme radioactivity. They posed problems of handling, and of physical 
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and chemical analyses, in submicrogram quantities. Fortunately these analytical 
obstacles were overcome. Both physical and chemical evidences indicate that these 
trans-uranium elements are filling up a second series of inner transition elements. 
Hence in conformity with the lanthanides these elements are called actinides, and 
they are allotted a single place in group III alongwith actinium (atomic number 89). 

The isotopes of the synthetic elements have been obtained in more than one 
way by changing the target element and the bombarding projectile. Table 12.5 
describes but one nuclear reaction for each of these synthetic elements. 


Table 12.5. Syntheses of the Actinide Elements 


Target Projectile Products 

pu + 1н — ND (neptunium) + 2 n 
peg T ‘He — Pu (plutonium) + 2 л 
PUL + ‘He > Am (americium) T iH +” 
Pu + iHe — "Cm (curium) T3 n 
fcm Me iHe > Bk (berkelium) + 1H + 2 
PED ust "co a "CE (californium) +5и 
pe d TN 5 "ps (einsteinium) +5 vt 
NU + "о zo TU Rm (mium) 4e 
SES + ‘He > з" Ма (mendeleevium) -- R 
Cm + AC = ‘oa No (nobelium) +8 on 
mac + "B > SLw (lawrencium) + 5 л 
Pu + Ме mE Ки (kurchatovium) + 4 n 


мд лы ВИНО 4 E EI COMC T з 


12.12. ISOTOPES, ISOBARS, ISOBARIC ISOTOPES AND ISOTONES 


Isotopes of an element are atoms of the same element with different atomic 
weights. Isotopes possess identical chemical properties because of their identical 
electronic structure. Isotopes of a particular element have the same number of 
proténs but varying number of neutrons inside their nuclei (page 14). There 
are other species which possess the same atomic weight but different atomic 
numbers. Such species are called isobars. It follows that isobars have different 
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chemical properties since they possess different electronic structures. Whereas 
isotopes occupy the same position in the Periodic Table, isobars are members of 
different groups of the Table. Chlorine-35 and chlorine-37, oxygen-16 and oxygen- 
18, hydrogen-1 and hydrogen-2, are common examples of isotopes. Argon-40 
and calcium-40, platinum-196 and mercury-196 are examples of isobars. A beta 
emission does not change the atomic weight but changes the atomic number. 
Hence the product of beta emission is always an isobar of the mother radioelement. 
A third case may arise where nuclei with the same atomic weight and the same 
atomic number may vary only in their radioactive properties. Such species are 
known as isobaric isotopes or as nuclear isomers. Zinc-68 on being bombarded 
by 3H gives off a proton and leads to zinc-69. This freshly synthesized zinc-69 
emits gamma radiation till another nuclear isomer zinc-69 is obtained, which 
decays by beta emission. 

Some radioactive elements may have in their nuclei the same numbers of 
neutrons. Such species are called isotones: (88) radium-226 and (89) actinium-227. 
Isotones display different chemical properties. 

In this section an outline of some general methods of separation of isotopes 
is described. Since isotopes of an element are chemically very similar their separa- 
tion methods cannot be based on their chemistry. Instead, successful separations 
can only be achieved when properties, which are mass dependent, are made use 
of. Some of the important methods are described below: 


12.12.1. Diffusion Method: Тһе’ kinetic energies of two ideal gases A and B 
at a given temperature being the same we can write: 


imavs = impvg 
= separation factor 5 


Graham's law states that at a given temperature the rates of diffusion of two 
different gases are inversely proportional to the square root of their masses. The 
above relation holds also for isotopes and: their compounds. The lighter isotope 
(or its compound) will pass through a porous barrier faster than the heavier 
isotope. The larger the ratio of the molecular weights of the two isotopic species 
the more efficient is the separation. Hydrogen-deuterium has the most suitable 

‚ Separation factor (44/2 = 4/2 = 1.414). This method was originally applied by 
Aston for the separation of neon isotopes of mass numbers 20 and 22. With the 
knowledge of nuclear fission reaction of U-235 it became essential to have an 
enrichment of this fissionable isotope over U-238. For this purpose volatile 
UF, was subjected to gaseous diffusion separation. The separation factor, 
‚М352]349 = 1.0043, is poor. In practice s is around 1.0014. About 10 fold enrich- 
ment of U-235 can be achieved in about 2000 stages. 


/12.12.2, Thermal Diffusion Method: When a gaseous isotopic mixture is 
introduced into a vertical tub2 th insid2 of which is maintained at two different 


1 temperatures, the heavier isotop will concentrate in the colder region and the 
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lighter isotope in the hotter region. A convection current would be set up. Due 
to thermal diffusion the lighter isotope will move upwards along the hot surface 
and the heavier isotope will move downwards along the cold surface. In effect, 
there will be 2 concentration of the heavier isotope at the bottom and the lighter 
isotope at the top of the tube. In typical experiments bn the separation of isotopes 
of nitrogen, oxygen and krypton a vertical tube ~3 metres in length and ~1 cm 
in diameter was used. A platinum wire stretched axially inside the tube was 
maintained at 500°C, while the outside of the tube was watercooled. _ 


12.12.3. Evaporation and Distillation Methods: This technique depends on 
the fact that the rates of evaporation of molecules from a given surface is inversely 
proportional to the square roots of their 
masses, If the evaporated molecules are quick- 
ly condensed and prevented from returning 
back to the surface of the remaining liquid, 
the condensate will be enriched in the lighter 
isotope. Mercury was allowed to evaporate at 
40 ~60°C in an evacuated space and the mer- 
cury vapour was condensed on a surface 
cooled in liquid air, placed at 72 cm above 
the evaporating mercury surface (Fig. 12.8). 
The distance between the evaporating mer- 
cury surface and the cold surface is impor- 
tant, and should be smaller than the mean 
free path of mercury atoms under the pre- 
vailing pressure. Under this condition there 
is an absence of collisions among mercury 
atoms, and all the evaporating atoms can Fic. 12.8 
condense on the cold surface. After some time Separation of mercury isotopes 
the bulk of the mercury was removed, the 
condensed mercury was allowed to melt, evaporated again and so on. Several 
repititions gave fractions having densities of 0.99974 and 1.00023 referred to 
that of the original mercury as фа 


12.12.4. Electromagnetic (Mass Spectrographic) Method: The essential prin- 
ciple of this method has already been described (page 62). A gaseous isotopic 
mixture is forced through an electron beam whereby the isotopic mixture gives 
positive ions of the isotopes. À narrow beam of the positive ions is selected and 
is accelerated by passage through an electric field. The positive ions with different 
charge-to-mass, ratios spread out. These are then passed through a magnetic. 
field (maintained perpendicular to the electric field) so that the different isotopes 


` follow semicircular path with different radii of curvatures. Under these conditions 


we have: 
e- 2X 


m Hr 
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where ¢ and m denote the charge and mass of one of the isotopic species, X the 
electric field potential, H the magnetic field strength and r, the radius of curvature. 
For a given charge e, given H and X, the mass m is proportional to the square 
of the radius of curvature. By placing collecting plates at proper positions the 
isotopes’ can be collected. The method has been applied to the separation of 
isotopes of lithium, uranium, etc. The method is more suitable for research pur- 
pose than for large-scale separation. 


12.12.5. Electrolytic Method: Washburn and Urey noted that water obtained 
from industrial electrolytic cells, which were in operation for a few years for pro- 
duction of oxygen and hydrogen, had a higher density than ordinary water. There- 
fore on electrolysis of water the lighter isotope of hydrogen 1H is evolved initially 
and the heavier isotope ?H continues to accumulate in the remaining water. 
Alkaline (0.5 N NaOH) water is electrolysed for prolonged period with nickel 
electrodes and using a large current density till the volume is reduced to about 

-atenth of the starting volume. At this stage the solution is too much concen- 
trated in NaOH. Electrolysis is suspended, NaOH neutralised with CO, gas and 
the enriched water recovered by distillation. Again the water is made alkaline 
and electrolysis continued. Starting with a volume of 2311 litres of water 99.0% 
3H,0 is obtained when the electrolysis reduces the volume to only 82 ml. The 
nearly pure heavy water on electrolysis liberates heavy hydrogen at the cathode. 

This method leads to some concentration of oxygen-18 in the heavy water. 


12.12.6. Szilard-Chalmers Separation: During irradiation of a target material 
by different projectiles different elements are usually produced, In such cases 
separation of the target element and the product element is not too difficult, since 
different chemical reactions for the two species are available. However in the 
case of slow neutron reactions of the (ny) type the product nucleus and the target 
nucleus possess the same atomic number and hence the same chemical reactions. 
No chemical separation is possible in such cases. 

Interestingly during the ejection of a y-ray photon the product nucleus recoils, 
and the recoil energy in some cases may be enough to result in the fission of the 
bond which links the affected atom to the remaining part of the molecule. This 
effect is known as Szilard-Chalmers effect. Due to this effect the product atom 
will be in a different chemical form from that of the original compound, a separa- 
tion being possible. Thus when ethyl iodide is irradiated with slow neutrons 
we have: 


САУТ + л> C,H, — — 9I + у 


The ethyl iodide, after irradiation, was shaken with a dilute aqueous solution of 
ordinary iodine. Much of the radioactive 1281 was found in aqueous layer. When 
aqueous Na®?ClO, was subjected to slow neutrons the reaction ?*Cl (п, у) СІ 
took place. A good amount of the СТ was found to pass into aqueous solution 
as chloride ion which could be precipitated with silver nitrate in the presence of 
ordinary chloride added as a carrier. 
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12.43. USES OF ISOTOPES 


Isotopes have been of varied utility. Researches in medicine, biology, agri- 
culture, trace analysis and many other fields have been aided tremendously by 
the use of isotopes. The uses af isotopes may be broadly classified under the heads: 
(a) medicinal uses (b) uses in analytical chemistry (c) mechanistic studies (4) age 
determination of old relics, minerals and rocks and (e) agricultural uses. 

(a) Radioactive iodine-131 is used in the diagnosis and treatment of thyroid 
gland disorders. After drinking a solution of sodium iodide containing iodine 
— 131, the radioactive iodine moves preferentially to the thyroid gland. The radia- 
tion (beta emission) destroys the malignant cells without affecting the rest of the 
body. 

(b) Usual chemical analyses allow estimation, at best to the tune of milli- 
grams (~10-* gm). Because of the development of sensitive techniques of measure- 
ment of radiations it is now possible to detect radiations originating from sub- 
microgram (^ 10-* gm) quantities. For example, we know that silver ion is quanti- 
tatively precipitated from aqueous solution by halide ions. The reaction is quanti- 
tative insofar as our ordinary techniques go. A trace amount of silver is still 
retained in solution, which can be detected by addition of sodium iodide con- 
taining iodine—131 and collecting the colloidal silver iodide with another preci- 
pitate, say Fe(OH),. By measuring the radioactivity of the precipitate it is possible 
to determine the microgram quantities of silver left in the solution. 

Cobalt (II) is precipitated from solution by means of f-nitroso-a-naphthol 
or a-nitroso-f-naphthol. In order to test the efficacy of these two precipitants 
the cobalt (II) solution was labeled with cobalt-60, a beta emitter. It was observed 
from beta activity measurements in, the filtrate that 0.17 mg cobalt per litre is 
left in solution when f-nitroso-a-naphthol is the precipitant while 1.5 тар/!йте is 
retained in the second case. We thus conclude that P-nitroso-a-naphthol is a better 
precipitant for cobalt (II). 

‘Activation Analysis: This méthod is applicable to those elements which pro- 
duce artificial radioactivity on bombarding with neutrons or some other nuclear 
particle. A known amount of a sample containing the element is first irradiated 
and the radioactivity produced is measured. Then the sample to be analysed is 
similarly irradiated and the radioactivity produced is compared with the radio- 
activity shown in the control experiment. The ratio of the two radiation intensities 
gives the ratio of the amounts of the two elements present in the control experi« 
ment and the unknown sample. Neutrons produced in a cyclotron or a laboratory 
neutron source (eg: *'"Po--Be) may be used. This method has been successfully 
used in determining trace amounts of arsenic (0.1— 1.0 p.p.m.) in germanium, 
determination of rubidium and caesium in rocks, meteorites, etc. 

isotope Dilution Analysis: The activity per mg. per minute of a radioactive 
isotope of the element to be analysed is first determined. A known amount of the 
active isotope is then mixed with a known amount of the sample which is to be 
analysed. After isotopic exchange has taken place, a small sample is isolated 
and the radiation of this sample is measured. The decrease in the radiation activity, 
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gives a measure of the inactive isotope present in the sample under analysis. This 
technique of analysis finds extensive use in biological researches. 

(c) Isotopes have played.a key roie in the evaluation of reaction mechanisms, 
particularly in organic chemistry. One reaction which has been studied in this 
manner is the process of photosynthesis, for which the following overall reaction 
can be written: , 

6CO, + 6H,0 + C,H,;0, + 60; 

The feaction takes place in several complicated steps. Whether the oxygen gas 
originates from the oxygen of CO, or from the oxygen of H,O, has been settled 
by the use of oxygen-18. It was definitely established by mass spectrometric 
analysis of the oxygen (oxygen-18 is not radioactive) that any oxygen-18 introduced 
into water showed up as O, gas. Carbon dioxide with oxygen-18 could not in- 
fluence the evolved oxygen. Therefore it is evident that the elementary oxygen 
given out by green plants is formed from water, and not from carbon dioxide. 
Calvin and his group did extensive studies on the mechanism of photosynthesis. 
1961 Nobel Prize in chemistry went to Calvin as a mark of recognition of his bril- 
liant researches. 

When H,O, reacts with strong oxidants such as PbOs, MnO,~, Стао =“, etc 
oxygen gas is produced: 

PbO, + H:O, — PbO + H,O + О; 


It was a long standing controversy whether the О, comes entirely from H;O; 
or partly from the oxidant: 3 

PbO [6 + 0) OH,— PbO + H,O + 0, 

PbO H + 0—0 -> PbO+H,0+0, 


" 


Oxygen-18 labeled H,O, was used and mass spectrometric analysis of the oxygen 
produced in the reaction proved definitely that all the О; came from H,O,. Thus 
the O—O link of H,O, is not destroyed during the reaction. 

In the esterification process two mechanisms are possible: (/) the OH of the 
carboxylic acid may react with the hydrogen of the alcohol to eliminate H,O and 
(ii) the OH of the alcohol may react with the carboxyl hydrogen of the acid. If the 
alcohol oxygen is labeled with O-18, then according to case (i) the ester will carry 
the 0-18. But in the other case (ii) the ester will have no O-18; instead the released 
H,O will carry the O-18. In reality both possible mechanisms have been observed 
for different combinations of alcohols and acids. 


o о 
0  R-CÓ нок’ кос 
s Хон > СШ + H,O 
o [o] 
Q)  R-CÉ нов’. R-cZ 4 . 
Non R DOM + HO 


(O* stands for the labeled O—18) 
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(d) Libby has developed a method of determining the age of organic material 
based оп the accurate determination of the ratio of carbon-14 to carbon-12. 
Carbon-14 is produced in the atmosphere by the interactions of neutrons (from 
cosmic radiation) with ordirary nitrogen; 


14 1 14 1 
1 М + n> Ке + i К 
The carbon-14 ultimately goes over to carbon-14 dioxide. А steady state concen- 
tration of one МС to 10% "C is reached in the atmospheric CO,. This carbo 
dioxide is taken in or given out by plants and plant-eating animals or human 
beings so that they all bea. this ratio. When a plant or animal dies the steady 
state is disturbed since there. is во fresh intake of atmospheric CO, and the dead 
matter is out of equilibrium with the atmosphere. The “С continues to decay 


so that after a number of years only a fraction Gf it is left in the dead matter. There- 
fore the ratio of the “С/С drops from the steady state ratio in the living matter. 


14 м 0 9 
«С nob os =: 5760 years), 
1 By measuring this ratio dnd comparing it with the ratio ii living plants one can 
estimate when uie lant diéd. apii ] Г 


Problem: А piece of об was lourd. fe have &с/зс tatio 0.7 times tlfat in 
a living plant. We wish to calculate the approximate period when the plant died. 


ee Nos BRE igen! 
k = 5768. years — 420 x40-tyr 
Nau INN 
logy = 2303 
} 1000 120 x 10-угі x t 
<. log 0700 7 230 — — 
1.20 x 10-tyr x t 
vx 0.155 =. ПИ X а" 
(s rL 230 х бә ало, 


i vB ызы cS ER 
120 x 1075 х yr* 


A knowledge of the rate of decay of certain radioactive isotopes helps to 
determine the age of various rock deposits. Let us consider a uranium containing 
rock formed many many years ago. The uranium started to decay giving rise to 
the uranium-238—lead-206 series. The half lives of the intermediate members 
being small compared fo that of uranium-238 (4.5 x 10° years), it is reasonable 
to assume that those uranium atoms that started decaying many many years ago 
must have been completely converted to the stable lead-206 during this extra 
long period. The uranium-238 remaining and the lead-206 formed must together 
account for the uranium-238 present at ‘zero’ time, that is, when the rock solidified. 

Thus both N, and N are known and k is known from a knowledge of the half 
life of uranium-238. Therefore the age of the rock can be calculated. 

21 
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Problem: A sample of uranium (4 = 4.5 x 10° yr) ore is found to contain 
11.9 gm of uranium-238 and 10.3 gm of lead-206. From these data we calculate 


the age of the ore thus: 


Мы ПО Әз soe чу 
k 45 x I9 yr = dia) 10 уг 
11.9 gm оЁига`?пт-238 = 0.05 moles of uranium-238 
10.3 gm of lead-206 = 0.05 ,  , lead-206 


Moles of uranium-238 present in the ore at zero time = 0,05 + 0.05 = 0.10 mole 


= No, _ 0.10 адје _ 
Thea | = &or*ob 7 
2.303 log? 


2.303 log ^w No =k . t= 70.154 10-5 yr 245 х 10? yr. 


The age of the ore is thus 4.5 x 10° yr. The data of 0.05 moles of uranium and 
0.05 moles of lead in the ore immediately indicates that one half life had elapsed 
-since the. formation of the orc. 

Age of the ore can alsó be obiained from a «no wledge of the amount of. helium, 
gas trapped in the ore during decay processes. This helium is formed from alpha 
perticles during radioactive disintegrati.... One gram of uraniun:in "à state of 
equilibrium with its decay producis р 'odiees ~10- оѓ helium per југа If 
we know by analyses the amount of the urapiym dnd belium ip'the ore the age of 
the ore can be calculated. 

ml. of heltum per gm of the ore x 407 

amount of uraniu:1 рег gm of the ore 

This relation assumes that no helium has.been lost to the atmosphere, which is 
most unlikely, Therefore the age determined from helium analysis is likely to be 
lower than the real age of the ore. 

The calculation becomes more complicated when the rock also contains. 
Th-232 which is the starting member of tl.» 4n disintegration series (page 302). 
In the event of both U-238 and Th-232 being present in the ore we have helium 
from two sources. The amount of helium released by Th-232, while in equilibrium 
with its disintegration products, is about that reeased by one-third its weight 
of U-238. The above relation then takes the form: 


ml. of helium per gm. of the ore x 10? 
(amount of uranium + 0.3 х amount of thorium) 
per gm. of the ore. 


Problem: One Kg. of an ocean sediment contains 1.50 mg of uranium-238, 
4.20 mg of thorium-232 and 6.0 x 10-* ml. of helium. What is the age of the 
sediment? — . ч 

Amount of U-238 per gm of the sediment = 1.5 x 1073 x 1073 gm 

Amount of Th-232 per gm of the sediment = '4.2 x 10-3 x 1073 gm 


6.0. x 10-5 x 1073 x 10? 
(4.5--03 x 42) x 103 x 103 — 


Age — 


Age (in years) — 


Age of the sediment — ~ 2 x 107 years. 
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(е) Plants assimilate important constituents from any fertiliser added to the 
soil as also the same constituents from the soil itself. A problem relates to the 
determination of the relative proportion of intake of essential matter from the two 
sources. For instance, plants are given some superphosphate of lime, Ca(H;PO,); 
labeled with radioactive phosphorus-32, a beta emitter. (Some radioactive phos- 
phoric acid Н» “PO, is first produced from radioactive phosphorus. This 
radioactive phosphoric acid is then mixed with c ‘dinary phosphoric acid and the 
mixture converted to tue superphosphate). Specific activity of this fertiliser is 
determined. Plants are g.ven this fertiliser and after a period of growth the plants 
are burnt. The quantity of phosphorus present in the ash is determined by chemical 
analyses. Assuming that the plant does not distinguish between radioactive super- 
phosphate and non-radioactive superphosphate, a measurement of specific activity 
of the ash will tell us the amount of the labeled fertiliser consumed by the plant. 
The remaining punt in the ash must have been consumed by the plants from 
the soil itself. 


` 


12.14. NUCLEAR BINDING ENERGY AND PACKING FRACTION 


12.14.1. Nuclear Binding Energy: We can calculate th^ expected mass of any 
nucleus from a knowledge of the nuclear composition aad the mass2s of proton 
and neutron. Such calculation shows that the calculated mass of a nucleus is 
always greater than the experimentally determined mass. This difference is variously 
called A mass defect, mass deficit or mass decrement. For example, the helium 


nucleus ‚Не bas the following data: QU 
mass of 2 protons = 2(1.00728)amu = 2.01456 amu 


mass of 2 neutrons = 2(1.00867) ати = 2.01734 amu 
54.03190 amu 
actual mass of, ‘He = 4.0015 amu 


Hence (4.03190—4.00150) = 0.03040 amu is th mass defect. The mass defect 
has been transformed into the binding energy of the nucleus by Einstein eqùation 
E = те“. The binding energy of a nucleus may be considered to be the energy 
released in the formation of the nucleus from neutrons and protons. Therefore 
in order to split up the nucleus into neutrons and protons, of which it is formed, 
an energy equal to the nuclear binding energy must be supplied. 

Substituting the value of c as 3.00 x 101° cm/sec in Einstein equation we 
have: 


Energy (in ergs) = 9.00 x 102° x mass 
so that 1 gm = 9.00 x !0 ergs. Again 1 erg = 6.24 x 105 Mev (Mev = million 
electron volts) and siiee 1 gm = 6.02 x 1018 amu therefore 1 amu = 931 Mev. 


The binding energy of ‘He nucleus thus becomes: 
Binding energy in Mev = 0.03040 amu x 931 Меујати = 28.3 Mev, 
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Since the helium nucleus contains a total of four nuclear particles (nucleon), 
we have: 
Total binding energy of the nucleus 

number of nucleons 


28.3 Mev 
4 


Binding energy per nucleon — 


= 7.07 Меу 


` Binding energies vary greatly with the composition of the nucleus. An idea 
of the relative stability of the stable nuclei of the different elements can be had 
from a plot of the bindjng energy per nucleon of the nucleus against the mass 
number of nucleus (Fig. ЇЎ.9). A study of the figure reveals three interesting points. 
The first point is.that the.curve shows a maximum around the nuclei of mass 


Binding Energy per 
Мисјеоп (Mev) 


50 100 150 200 
Mass Number 


Fic. 12.9. Binding energy of nuclei 


number ~60: Secondly nuclei of very heavy elements like uranium have com- 
paratively low binding energy and will be apt to splitting into smaller nuclei. 
Such splitting (nuclear fission) will release great amounts of energy. Thirdly the 
binding energy per nucleon rises sharply from the isotopes of hydrogen to those 
of the next heavier elements like helium or lithium. Thus fusing together (nuclear 
fusion) of hydrogen atoms so as to lead to helium nuclei will provide vast amounts 
of energy. In fact, the energy available from nuclear fusion is far greater than 
the energy obtained from the fission of an equal mass of a very heavy element. 

Factors determmining nuclear stability : It is observed that after an abrupt 
rise in the binding energy per nucleon (Ep/4; E» = total binding energy and 
A = total nucleons) among the lightest nuclei, the binding energy per nucelon 
changes only slightly and attains a value of 8 Mev per nucleon. Because of the 
maximum in E»/A for nuclei of mass around 60, the fission of a heavy nucleus 
to a pair of nuclei of mass around 60 will release lot of energy. Again the fusion 
of two of the lightest nuclei will also lead to release of vast energy. 

Since for elements of mass number greater than 20 there is only slight 
changes in the binding energy per nucleon we may roughly write : 

ЕА ~ a constant i.e Ep ~ a constant X 4. Thus the total binding energy 
of a nucleus is roughly proportional to 4 i.e the number of nucleons. This indicates 
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that nuclear binding forces are short range forces ie one nucleon exerts attrac- 
tive forces only on its closest neighbours. If the attractive force would have been 
of the long range type then each of the 4 nucleons would have been attracted to 
(A—1) nucleons so that Ex would be proportional to A(A—1) instead of to A only. 

The nuclear attractive force is independent of charge. However because of a 
Coulomb repulsion among protons, the net binding energy of two protons is less 
than that of two neutrons. If a correction is made for the coulomb repulsion 
between two protons the attractive nuclear binding energy is around 14.1 Mev per 
nucleon. In view of the existing Coulomb repulsion beween protons the net 
value of ~8 Mev is observed. р z 

It is assumed thet the nucleons are present as close-packed spheres, fach 
with 12 nearest neighbours. Since it requires two nucleons to form a bond there 
will be 6 bonds per nucleon. Then the attractive energy between a single pair of 
nucleons is 14.1/6 i.e 2.3 Mev. 

A semiempirical expression for the total nuclear binding energy has been 


derived, which runs as: 

` te 2 o А 
Ep = 14.14 13427 be T У 
The term 14.14.répresents the tota: tractive binding energy. However the 
surface nucleons do not have 12.nearést Neighbours and so cannot contribute to 
the extent of 14.1 Mev. The number of the -surface nuclei varies as the surface 
area which again varies as the square of the nuolear radius i.e 42/*. Thé Coulomb 
repulsion between protons is indicated by the third term on the right hand side. 
Coulomb repulsion is directly proportional to Z? (Z = nuclear chage = number of 
protons) but inversely proportional to the nuclear radius ie to 41/8. The negative 
signs in the above expression indicate loss of energy from 14.14. Experimental 
studies have shown that the radius of a nucleus of А nucleons varies as An, 


12.14.2. Packing Fraction: Aston had introduced a term, packing fraction, 


which also indicated the extent of nuclear stability: у 
Actual mass of an isotope— дн ДЕШ оп 
М А physical scale . 
= х 10,000. 
Packing Fraction Бает } 


Mass number of an element indicates the total number of nucleons inside the 


+20 


i 
© 


© 


Packing Fraction 


10 40 80 120 160 200 250 
Mass Number 


Eic 712.10. Packing fraction curve for stable nucleides 
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nucleus. Isotopic mass on the physical scale could be smaller or larger than the 
mass number of the isotope. Thus both positive and negative values are possible. 
On the contrary nuclear binging energy Has as its numerator the energy equivalent 
of the difference between the calculated писјеаг mass and actual mass. The сај- 
culated nuclear mass being always greater than the actual mass, binding energy is 
always positive. Most negative packing fraction values are shown by elements of. 
mass number 50—60. A. negative value indicates that the isotopic mass is less 
than the mass number of the isotope. This means that some mass has been lost to 
make the particular isotope. It follows that such isotopes must have high stability 
i.e. high nuclear binding energy (cf. Fig. 12.9 and 12.10). Where the packing frac- 
tion curve sharply falls the binding energy curve sharply rises. Increasingly positive 
packing fractions for high mass numbers parallel the slowly decreasing binding 
energies. However, packing fractions have lesser significance than nuclear binding 
energies. 


12.14.3. Mass Number and Atomic Weight: At this stage we are in a position 
to answer the oft-asked question why mass number is a whole number while atomic 
weight is fractional. Mass number is the total number of nucleons (i.e. protons 
and neutrons) present in the.nucleus and obviously is a whole number. On the 
other hand atomic weight isthe averaged. weig :t*of the nucleons of the different 
isotopic species based dn their relative abundance in nature; Moreover during 


the formation of the nucleus some mass corresponding to mass defect is lost. Both ' 
these factors contribute to the fractional atomic weight of an element. Also note ` 


that the proton mass (1.00728 amu) and neutron mass (1.00867 amu) are also not 
whole numbers. 3 


12.15. NUCLEAR BINDING FORCES 


The nature of the forces that hold together neutrons and protons inside the 
nucleus is an intriguing one. It is said that physicists have expended maximum 
man hours of mental labour and experimentation after this problem than have 
been given to any other scientific question in the history of mankind. Our usual 
laws would predict that the nucleus would not hold together at all, instead all 
the nucleons should flee from: one another. A scrutiny of the binding energies 
of some simple nuclei point, on the other hand, to the existence of proton-neutron 
(p—n), proton-proton (p—p) and neutron-neutron (n—n) forces of attraction of 
formidable magnitude. 

The nuclear binding forces are short-range forces operating over very short 
distance ~10- cm. If the binding forces were of the electrostatic type then the 


nuclear binding energy would increase roughly as the square of the number of. 


particles inside the nucleus. In reality the nuclear binding energy is proportional 
to the number of nucleons. As the number of nucleons increase, the nucleons 
Bet further apart and so far as these very short range forces are concerned, the 
nucleons go out of range of all but a few other nucleons only. Against this force 
there is the electrostatic energy of repulsion between the protons, varying as the 


| 
| 


= ee 
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square of the nuclear charge, so that this repulsive contribution of the binding 
energy per nucleon is proportional to the nuclear charge. These factors influenc- 
ing nuclear stability are illustrated in Fig. 12.11. 

These short range forces are, in a crude way, analogous to the chemical forces 
operating in covalent molecules. In such compounds there are strong covalent 
bonds between the atoms forming the 
molecule but only very weak forces in 
between molecules. Chemical bond- 
ing forcé is а type of saturation force. 
The nuclear binding forces do not 
extend beyond the bounds of the 
nucleus, and hence these, forces are 
also of the saturation type. In cova- 
lent molecules atoms are held toge- 
ther by the sharing of electrons, the 
sharing being the sum total expres- 
sion of structures among wnici: ех- 
change takes place. In such cases the 
actual structure can be regarded as a 


Number of nucleons 


Binding Energy per Nucleon 


combination of all the possible indi- 

i Ki о d d A c d f Fic. 12.11. Diagram showing the relative 
vidual structures an 2 е energy o influence of different factors in 
the actual structure is lower than nuclear stability. 


the energy of any of the individual 
structures, These ideas can be extended to nuclear particles as well. It is but natural 


to conjecture that an electron (positive or negative) may be the particle responsible 


for the exchange forces but calculation shows that it can serve such a rolę, only 
over a range of 107 cm, a range much larger than the average nuclear radius of 
10-2 cm. Yukawa then postulated the existence of a new charged particle which 
had the same charge as that of the electron but much larger mass (200—300 times 
that of the electron). This was named pi-meson (pion) which could have a positive 
charge (m+, positive pion) or a negative charge (т^, negative pion). Yukawa postu- 
lated that when a proton and a neutron interact, the proton may emit a positive 
meson which is absorbed by the neutron. In this process the proton loses its positive 
charge and becomes a neutron, while the neutron gains the positive charge and 
turns into a proton. The same overall result is obtained when the neutron emits a 
negative meson which is absorbed by the proton. 

proton ( { ѕріп) = neutron (} spin) + 7* 

neutron ( | spin) == proton (1 spin) ++ «7 


This mutual exchange leads to the pairing of the spins of the nucleons. The next 
problem was to offer explanations for the binding of like particles, namely the 
р—р and the п—п forces. А proton cannot absorb a positive meson, since it is 
already positively charged. Therefore no single charged meson could transmit 
a force between protons. А neutral meson was therefore conceived which might 
be responsible for the exchange forces between proton and proton, and between 
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neutron and neutron. The exchange forces will eventually Jead to the spin pairing 
of the nucleons. Charged fnesons and neutral mesons have all been detected. 
They are very unstable outside the nucleus. 

At a distance of 10-1 cm (radius of the atom ~ 10-* cm) the nuclear force of 
attraction between two protons is about forty times as strong as the repulsive 
force between them. At four times that distance the nuclear attractive force has 
dropped off to the same strength as the electric repulsive force and at twenty times 
that distance the repulsive force is million times stronger. Therefore as the size 
of the nucleus continues to increase there occurs a decrease in the nuclear attractive 
forces and an increase in the repulsive forces. Heavy nuclei thus become unstable 
- and show spontaneous disintegration. ЕРА 

Nuclear Shell Model: Magic Numbers: Та: Һе Chapter on magnetochemistry 
we have observed that a moving electron has / and s quantum numbers— which 
may under the strong influence of the nucleas may combine to produce resultant 
quantum number j. Like the extranuclear electrons the nucleons i.e. the protons 
and the neutrons also obey Pauli exclusion principle. Each nucleon has a spin 


quantum number $ i.e. ms = = i ( 2). Just as for each electronic orbital there 


can be at most a paired spin of electrons so also js’ the case for any nuclear level. 
Each nucleon also possesses an orbital angular quantum. number / which may 
have values 0, 1, 2, 3, 4, etc. The spin-orbit coupling of the nucleons will give rise 
to j states which will have values / + 4 or 1—4. Each j level has a multiplicity 
of 2j + 1 ie. each level can have a maximum of 2j + 1 protons and 2j + ! 
neutrons. The nuclear shells have their own principal quantum number, 7, with 
sublevels / = s, p, d, f, etc. However unlike electronic levels their orders are 
15, Тр, 14, 2s, 1f, etc. Depending on the values off = H=0+9;/=1+4=4 
orl—} = 5] = 2+4 = 5/20r2—} = { еіс. the number of nucleons of each 
kind ie. either proton or neutron will be 2j + 1 i.e. 2 (for? = 0),4 +2 = 6 (for 
1 = 1),6+4=10(for/ = 2), 2 (for 25 = 0) etc. Thus successive shells will be 
filled with either protons or neutrons when 2, 2 + 6 = 8, 24+6+10+2 = 20. 
28, 50, 82 and 126 particles of that particular kind (protons or neutrons) in the 
lowest energy levels. These numbers are known as magic numbers. A nucleus 
with magic numbers of either protons or neutrons is quite stable. Furthermore 
a particular nucleus containing magic numbers of both neutrons and protons 


А Ө m 4 1 40 208 Т 
attains an exceptional stability. Thus „Не, ; О» ; зоСазо and ваРЫәв nuclei 


are extremely stable. It is of interest to note that because of the extreme stability 
associated. with such lead nuclei, the three naturally occurring radioactive series 
end in lead—206, lead —207 and lead — 208. 


12.16. NUCLEAR FISSION, NUCLEAR SPALLATION AND = 
NUCLEAR FUSION : 


12.16.1. Nuclear Fission: A study of the artificial transmutation reactions 
so far described reveals that such nuclear reactions are good enough to change 


cA 
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the target nuclei by no more than a few atomic numbers. In the late thirties how- 
ever physicists encountered a nuclear reaction initiated by neutrons on uranium- 
235 isotope, which cailed for revolutionary explanations. Analysis of the reaction 
products pointed to the presence of two elements of atomic numbers, which were 
widely different from that of uranium. The reaction was complicated further by 
the simultaneous occurrence of moré than one nuclear reactions: 


90 ш 1 
a7Rb + ис + 207 
235 1 | 87, 146 1 
aU + pttessBr + sLa + 3 on 
96 137 1 
| ;seKr + ва + 3 yt 


Thus the uranium-235 nucleus suffers splitting or fission into smaller fragments. 
The products of fission belong to two groups—one haying mass numbers 85 to 
104 while the other has mass numbers 130 to 149, However mass number ~ 95 
and ~ 139 seem to dominate the fission products. 

Although uranium-238 shows spontaneous disintegration its 235 isotope does 
not undergo spontaneous fission. The necessary activation energy for the fission 
is lacking. The situation can be explained on the liquid drop model. А liquid drop 
retains its spherical shape due to surface tension. On the application of sufficient 
energy to counter the surface tension the liquid drop may be forced to move from 
a sphere to an ellipsoid, then to a dumbbell and finally into two spheres. Similarly 
if suflicient energy is introduced into a uranium nucleus via addition of a neutron, 
then the compound nucleus might behave as a liquid drop under the influence 
of a distorting force. Such an activated uranium nucleus may ultimately break 
up into two nuclei of close mass numbers. 

Uranium-235 is split by slow (thermal) neutrons of energy 0.03 ev as also by 
fast neutrons of energy ~ 1 Mev. Thermal neutrons are those neutrons whose 
average kinetic energy has been reduced to thermal energy (КТ) which is a small 
fraction of an electron volt at ordinary temperature. Fast neutrons are reduced 
to thermal neutrons by passage through а good moderator. А good moderator 
does not absorb neutrons to any appreciable extent but significantly reduces the 
speed of the neutrons in a few collisions. Heavy water and graphite are used as 
moderators in nuclear reactors. | 

Uranium-238 suffers fission Бу fast neutrons only. Plutonium-239 undergoes 
nuclear fission by thermal neutrons. Uranium-238 goes to plutonium-239 by the 
following scheme: 


238 1 239 239 ° 
0 + от (fast) > sU + 7 > о Мр + ае 


239 o 
s, Pu + це 


| 
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Thorium-232 is changed to urapiüm-233 via neutron capture and subsequent 
beta emission. Uranium-233 is. fissionable: 


232 1 233 233 0 233 0 
goth + yt — оТ — ари + пе— gU + ae 
Fission reactions are accompanied by evolution of large amounts of energy 
due to the conversion of mass decrement into energy. Take the following example: 


235 1 87 246 1 
oU + gt — gBr + s;La + 3: 


Considering the nuclear masses we have: 


U-235 = 234.99340 ати Br-87 = 86.902800 amu 
neutron == 1.00867 amu La-146 = 145.886500 amu 
3 neutrons = 3.02601 amu 
= 236.00207 ати = 235.8151310 ати 
Mass écfect == 0.186760 amu 
energy released = 0.186760 amu X 931 Mev/amu 
= 173.873 Mev 


(lg. = 6.02 х 10:3 amu; 1 amu = 931 Mev; 1 gm = 2.15 x 109 KCal). It is to 
be noted that the mass defect for the fission of one atom of U-235 is numerically 
equal to the change in mass in gm for the fission of 1 gm-atom i.e. for 235 gm of 
U-235. So the energy released from the fission of one gram of U-235 is given by 
0.18676 g/235 ~ 0.0008 g which is œ 17,000,000 K Cal of energy. Compare along- 
side that heat of combustion of coal (8 K Cal/gm) and T.N.T. (0.66 К. Cal/g). 
Thus fission of 1 gm of U-235 releases as much energy as is obtained from the com- 
bustion of 2083 Kg of coal. ' 

It is quite likely that during fission some neutrons will be lost. If loss of neu- 
trons can be minimised then these neutrons can sustain further nuclear disintegra- 
tion and ultimately a chain reaction will develop. To minimise neutron loss the 
area/volume ratio of the target should be small. For a given volume, a sphere has 
the smallest area (area = 4772; volume = 4273/3; area/volume = 3/r). Further, the 
area/volume decreases with increasing radius i.e. with the size of the target. Critical 
size of the target is that size for which there is no net gain in the number of neutrons 
for sustaining the chain reaction i.e. for which neutron loss by escape is the same as 
the neutron produced in the fission reaction. When the target exceeds the critical 
size more neutrons are produced than can escape, and hence a self sustained chain 
reaction occurs, Critical size of U-325 is around 9 Kg. 

Based on the above ideas the first atomic bomb was developed. 

The atomic bomb consists of a design to bring together, at the time of the 
explosion, two chunks of uranium-235 of sub-critical size which together will 
exceed the critical mass. The stray neutrons in the atomosphere are sufficient to 
start the chain reaction. The chain reaction releases in less than a millionth of a 
second huge amounts of energy which spells savage destruction. 

Nuclear Cross Section: This may be defined as the effective area of cross 
section of one nucleus of a particular species for a certain reaction. A high value 


> 
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of nuclear cross section of a reacting species indicates a high efficiency for the 
reaction. If the surface of the target species contains N nuclei per sq-cm and if 
o represents the area in sq-em per nucleus which is effective for the reaction, then 
No is the effective area per sq. ст of the total surface of the target. If T is the 
number of the bombarding particles striking a unit area of the target in a given 
time, then A—the number of the target nuclei reacting effectively in a given time— 
is given by А = oNI. Then AJN is the fraction of the target nuclei undergoing 
reaction. A/N also represents the number of reacting nuclei for every single target 
nucleus. Manipulation of the above relation also shows that о, the nuclear cross 
section, is equal to 4/NI. This means that о is the fraction of the particles falling 
on 1 sq. cm. of the target which reacts with a single nucleus, It follows the greater ' 
is the efficiency of the transmutation reaction the greater the fraction of the incident 
particles actually reacting is. 

Suppose J, number of incident particles fall on a target sheet of 1 sq. cm area 
and thickness x cm and J represents the number of particles emerging on the other 
side of the sheet then: 


A = e-NXo 
N represents now the number of target nuclei per c.c. It is thus possible to 
evaluate o. 

Controlled Nuclear Reactions for Peaceful Purposes: Scientists have succeeded 
in controlling nuclear chain reactions so that these become uscful in generating 
power for mankind. A great variety of nuclear reactors are now in operation in 
various parts of the world. Nuclear power generators have the following basic 
components: 

‘1. Fuel: Natural uranium enriched with uranium-235 ог plutonium-239 
is used in the form of plates often alloyed with aluminium. These uranium plates 
are separated from each other by neutron-moderating material like graphite. 

2. Control Rods: Reactors are so designed that rods of cadmium or boron 
can be inserted. These are good absorbers of neutrons so that the rate of fission- 
reaction can be controlled by pushing in or pulling out of the control rods. 

3. Moderators: То prevent fission reactions going out of control all reactors 
are provided. with moderators so as to reduce the speed of the neutron. Graphite, 
water and D,O are good moderators. 

4. Coolant: The energy produced in reactors is given off primarily as heat. 
The coolant—usually DO, H,O or even а molten mixture of sodium and potas- 
sium—conduets away the heat to a heat exchanger. In the heat exchanger the heat 
is utilised to generate steam which in turn is used to drive turbogenerators for 
producing electricity. | 

5. Shielding; The intense radiation produced in the interior of the reactor 
is contained by the use of water, concrete or both. Lead shielding is also used, 

Nuclear power plants have come to stay in India with the commissioning of 
the Tarapur unit near Bombay and Ranapratapsagar unit in Rajasthan. Atomic 
power stations are also being set up at Kalapakkam in Tamil Nadu and Narora 
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in Uttar Pradesh. Nuclear powered ships of the USA and the USSR ply the 
high seas. If the nuclear reactions in power plants go beyond control tragedy like 
that in Chernobyl (USSR) will befall, leading to devastating. effect оп our 
environment. 

Scientists fear that the natural stock of fissionable U-235 cannot serve man- 
kind for more than a century. Fission of more abudant U-238 isotope via Pu-239 
appears to be a more attractive course. A still more attractive possibility is the 
fission of Th-232, via U-233. Future hope of mankind lies in the ability of the 
scientists and engineers to produce reactors capable of giving fissionable isotopes 
from more abundant elements like lead, thorium and mercury. 


12.16.2. Nuclear Spallation: When elements of intermediate range of mass 
number and atomic number are bombarded by high energy alpha particles, protons 
or deuterons they do not undergo nuclear fission into two fragments of close mass; 
instead these nuclei are split into a variety of nuclei of lower masses and atomic 
numbers. Such nuclear reactions are called nuclear spallation. Thus, protons of 
moderate energy splits silver into cobalt, scandium and neutrons: 


107 1 61 6 1 
nAg + 1H — „Со + 2180 + 2л 
А "is ; е ћ 
Very high energy protons split ИСА into з Са alongwith the liberation of seven 


neutrons and ten alpha particles: 
118 


1 72 1 4 
son + ҮН —— nGa + 7yi-- 10,He 
+ The identification of so many products being formidable spallation reactions have 
been studied only in a few cases. 


12.16.3. Nuclear Fusion: An inspection of Fig. 12.9 reveals that the binding 
energy per nucleon of the light element rises very sharply with increasing mass. 
This means that large amount of energy will be released during their formation via 
fusion of still lighter nuclei. Таке the following nuclear reaction: 


1 4 ° 
4Н ——,Не + 24e 


Mass defect = (4 x 1.00728 amu)— (4.00150 amu + 2 x .000549 ати) 
.026522 amu 


Remembering that the mass defect in grams for 4 gm atoms of hydrogen is numeri- 
cally equal to the mass defect in amu for 4 atoms of hydrogen we have: 


w 
energy released — E = 10066305 х 2.15 x 10° KCal 


= 14.25 x 107K Cal 


Thus nuclear fusion of light nuclei liberates far greater energy than is released in a 
nuclear fission, 


M 
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1 
In nuclear fission a neutral particle „л approaches uranium-235 so that there 


is no repulsive barrier to the approach of the neutron. But in nuclear fusion 
positively charged nuclei have to approach each other in order to initiate a fusion 
reaction. Therefore the approaching nuclei must be supplied with sufficient kinetic 
energy in order to overcome the repulsive barrier. In the hydrogen bomb, where 
nuclear fusion of hydrogen nuclei is made use of, the kinetic energy needed to 
overcome the repulsive barrier is supplied by extremely high temperature attained 
tlirough the initiation of a nuclear fission reaction as а preliminary step to the 
fusion reaction. 8 

It is believed that the following net nuclear fusion reaction occurs іп the interior 
of the sun where the temperature is of the order of twenty million degrees: 


4H ЕНЕ + 2не + energy 


It is also believed to be the case inside the distant stars. It has been calculated 
that during this energy output the sun is losing its mass at the rate of about 
four million tons per second. Even at this fantastic rate of loss of mass our 
Sun-God will continue to bless us on this good carth for thirty billion years, 
Blessed indeed we are ! 


STUDY QUESTIONS 


1. DM which of the following unstable isotopes will po by eléctron or positron 
mission : “в, "Сапа ^o. 
2. Comment on the following statements: 


А LI 
(а) "о has the same chemical properties as ,O 


(6) radioactive Na* behaves in the same way as radioactive Na atom 
3. The half-life of ',, Tl is 22 minutes. Now calculate 


(a) the rate constant for the decay 
(b) the fraction. of the sample left after one hour 
4. The half life of uranium-238 is 4.5 x 10" years. What is the mole ratio of uranium to 
lead їп a rock of age 2 X 10? years. 


з 
5. ін, "B. Ko are stable nucleides. Write nuclear equations for radioactive decay of ,H, 
8 12 10 
sB, n «С. н 
6. What are the types of radiation emitted by radioactive substances. Describe the character- 
istics of these radiations. How these rays have been identified 7 


7. Present an account of the contributions of radioactivity towards elucidation of atomic 
Structure. 
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8. A painting, being claimed to be an original or Raphael (1483—1520), is analysed by carbon 
-14 technique. А small piece of the canvas gives the carbon-14 content to be 0.95 of that in 
living plants. Is the painting a forgery ? 

9. Write balanced nuclear reaction: 


LJ 
(а) for the loss of an alpha particle by „Th 
ла 
(b) for the loss of a beta particle by „B 


4 
(с) for the nutron bombardment on “K ejecting an alpha Particle, 


10. The four isotopes *°O, **Si, Са and **Fe make up around 85% of the atoms in the earth's 
crust. *H, ‘Li, YB, “ММ and *V contribute less than 1% of all the atoms in the earth's 
crust. Comment. 


11. Write a concise account of the different techniques by which isotopes can be separated. 


12. Write short notes on the following: 
(a) isotope diulution analysis 
(b) activation analysis 
(c) Szilard-Chalmers reaction 
(d) nuclear cross-section 


13. Can electrolysis be the basis of separation of isotopes of any element? If so, give details 
of one such separation. 

14. Give a comparative account of the nuclear binding energy curve and packing fraction 
curve. What informations are available from these curves? 

15. A sample of radioactive sodium (half-life — 14.8 hr) is injected into the body of an 


animal. How many hours will be required for the activity to come to one-tenth of its original 
intensity, assuming that none is excreted? Д (Ans, œ 49 hr) 
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Addenda 


Page 16: after second line 

Einstein proposed in 1905 that the photoelectric emission (also called photo- 
electric effect) could be adequately explained if light was made up of discrete 
particles or photons of energy ћу. He argued that a photon of frequency v and 
energy ћу hits a metal surface and transfers its energy to an electron. А certain 
quantity, say є of this energy is utilised to overcome the attractive force between 
the electron and the positive nuclei of the metal. The remaining part of the trans- 
ferred energy goes alongwith the ejected electron in the form of kinetic energy. 
Then we can write: : 

ћу = є + ўти? 
It is easily understood that in order that the photon can eject an electron it must 
possess a minimum energy e. In terms of frequency we can write e = hvo so that 
the total energy ћу must be the sum of Av, and jme. 
ћу = hv dim 
So dmv? = hy—h», 

' ft has been observed that if the kinetic energy of the ejected electron (km) is 
plotted against frequency v of the striking photon a straight line is obtained whose 
slope is equal to /i, the Planck's constant and the intercept gives hvo. 

An addiitonal observation was that the number of the photoelectrons 
increases with the intensity of the light, This means that the intensity of light has 
to be associated with the number of photons arriving at a point per unit 
of time (cf: page 27). 


Page 30: at the end of the first paragraph 


(5) An s-electron has a greater probability of being very close to the nucleus 
than a p electron. Again a p electron is likely to be nearer to the nucleus than 
a d electron. 

An inquisitive reader may ask at this stage that while the plot of the radial 
probability density function 4 т г? ¥? versus radius passes through one or more 
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maxima depending on the type of the orbital what happens when у or 4? is plotted 
against r. In order to have an answer to this we have to take the expression of the 
wave function of an orbital. For simplicity we have the 15 wave function 


(cf: Appendix, Part II). 
»- (rre 


For the hydrogen atom Z is equal to 1 so that 
we have: 


e - Ute 


so that the square of the wave function becomes: 


з 
Fig. 1. Plots of {аз and Џ] ver- yh = 1 (5) e-trao 
suas r for hydrogen atom. т \ау 
It is seen that the above expressions are independent of angular coordinates 6 and ф, 
Both /,, and %14? go to maxima as r goes to zero although the magnitude of у, 
is larger than /,,*. When r goes to' zero the exponential terms become 1 so that 


Fig. 2. Plots of radial wave functions for 15, 25, 2p, 3s, 3p and 3d orbitals 


фл and у, depend on т and a, raised to appropriate powers. Both the V; and 
1s" decrease as r increases (Fig 1). However the y 19" plot indicates that the volume 
element close to the nucleus has the highest probability of having the electron. 
One can easily appreciate that the у vs r plot or 4° vs r plots of other orbitals 
will have different shapes as the wave fuactions-are different (Fig 2). It is of interest 
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to note that the s orbitals alone have maximum values for а; the nucleus i.e. 
when r is zero, But the 2p, Зр and the 3d orbitals have their у as zero at the nucleus. 
This gives us a clue thát the s orbitals penetrate the nucleus most while the p and d 
orbitals cannot penetrate the nucleus. This means that the s orbital electrons can 
efficiently screen the nuclear charge from other electrons compared to the p and 
d electrons, j 


` 


Page 79: at the end of section 4.4 


Slater's rules: Slater had proposéd some empirical set of rules to calculate the 
screening constant о of various electrons present in different orbitals of an atom 
or an ion. Once we get at the value of а it is easy enough to find out the effective 
nuclear charge Z*. У 

The rules given below are valid for an electron in the (ns, np) level. 

1. The first thing to do is to write out the electronic configuration of the atom 
or the ion in the following order and groupings: 


(15) (25, 2р) Gs, Зр) (34) (45, 4p) ДАА) (4f) (5s, 5р) etc. 


It may be noted that so far as the screening effect (also called the shielding effect) 
is concerned the s and p electrons belonging to the same principal quantum shell 
have the same effect as advocated by Slater. 

2. An electron in a certain (ns, np) level is screened only by electrons їп the 
same level and by electrons of lower energy levels. Electrons lying above (ns, пр), 
level do not screen any (ns, np) electron to any extent, Higher energy electrons 
have no screening effect on any lower energy electrons, 

3. Electrons of an (ns, np) level shield a valence electron in the same group 
by 0.35 each. This is also true for electrons of the nd or nf i.e. for electrons in 
the same group. 

4, Electrons belonging to one lower quantum shell i.e. (n—1) shell shield the 
valence electron by 0.85 each, 

5, Electrons belonging to (n—2) or still lower quantum shell shield the valence 
electron by 1.0 each. This means the screening effect is complete. 

The above rules apply quite well while estimating the screening effect of 
sand p orbitals. However when a d or an f electron is being shielded the second 
and the third rules remain as they are but the fourth and the fifth rules are substi- 
tuted by a new sixth one. 

6. All electrons below the nd or nf level contribute 1.0 each towards the 
screening constant. у 

For the sake of getting familiar with actual application of the Slater's rules 
we work out the following Z* and o. 

I. Find out the effgctivemuclear charge of the sodium atom, 


22 + 
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We have to evaluate the screening effect experienced by the valence electron 
of the sodium atom, Obviously the valence electron will be excluded from the 


calculation. 
Na atom: (15): (2s, 2p)* (3s) 
(2 x 1.00) + (8 x 0.85) = 8.8 


с = 
Zee dye = 38:8 = 22 

П. Evaluate the Z* of sodium ion. 
Nat ion: (1s)? (25, Хр)“ 
с = (2 х 0.85) + (8 x 0.35) = 4.5 


Z* = 11—45 = 6.5 


IIL, Evaluate the Z* of magnesium ion, 
Mg?* ion: (1s)* (2s, 2p)* 
a =(2x0.85) + (8 x 0.35) = 45 
2% = 12-45 = 7.5 
IV. Find ош the о and Z* of potassitim-ion. 
Ktion = (15): (2s, 2p)? (3s, 3p) 
в = (2 X L0) + (8 x 0.85) +(8 х 0.35) = 11.6 
Z* = 19—1L.o = 7.5 
V. Estimate the о and Z* of the valence electron of the fluorine atom. 
F atom; (15)? Qs, 2p)? 
The valence electron has to be left out of our estimation. 
в = (2 x 0.85) + (6 x 0.35) = 3.8 
Z* = 9—3.8 = 52 


y 


VI. Calculate the Z* of the fluoride ion. 
F- ion: (15)? (25, 2p)* 
о = (2 x 0.85) + (8 x 0.35) = 4.5 
Z* = 9—4.5 = 4.5 
VII. Calculate the effective nuclear charge of the hydrogen atom. 
Hydrogen atom has a single 1s valence electron. There is no other electron 
to sereen (ће. shield; it from the nuclear charge of the single proton. 
g ==. 
Z* = 10—0 = 10 
Thusthe hydrogen electron sees the АШ nuclear charge of the nucleus i.e. the 
electron is totally exposed to the p. oton. 
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VIII. Estimate the screening constant for the outermost 4s electron 


of vanadium. K 
Vanadium has an atomic number 23 and the electron distribuion according 


to Slater's rule is: 
(13) Qs, 2p)* Gs, Зр)? (345 (49) 
We have to consider only one of the two 4s electrons. 
o = (2X 1.0) +(8 x 1.0) + (8 х 0.85) + (3 х 0,85) + (1 х 0.35) 
197. 
Z* = 23—197 = 33 
IX. Evaluate the effective nuclear charge of vanadium (IL). 
Vanadium (II): (15)° Qs, 2p)* (3s, 3p)* Ga)? 
о = (2 x 1.0) +(8 X 1.0) +(8 x 1.0) + (3 x 035) = 19.05 
Z* —23—19.05 = 3.95 
X. Calculate the screening constant and effective nuclear charge experienced 
by a d electron of copper (II) ion. 
Copper (0): (13)* Qs, 2p)* (35, 3p)* (30)* 
с = (2 х 1.00) (8 x 1.0) + (8 х 1.00) + (8 x 0.35) — 20.80 
Z* — 29—20.80 — 8.20 


Page 88 : footnote to Table 5.1 
Interchange kJ/mole and K cal/mole ` 


Page 93: at the end of section 5.2.2 


Valence Bond Theory of the Hydrogen Molecule: А Simple Treatment based 
on Wave Functions: 

While discussing the covalent bonding of the hydrogen molecule we have 
mentioned that at the optimum distance of 0.74A there is overlap of the 1s 
orbitals of the two individual hydrogen atoms. Under such overlap condition 
there is a great probability of finding the two electrons in between the nuclei. 
However, ihough poor, there is certainly some probability of finding both the 
electrons on the orbital of one and the same hydrogen atom. In that case one of 
the earlier hydrogen atoms will behave as though it were a hydride ion and the 
other hydrogen atom will then obviously be а positive hydrogen cation. Valence 
bond description of the H molecule takes into consideration all these situations. 

Let the two hydrogen atoms be Ha and Hg and the electron belonging to 
the two atoms be numbered (1) and (2) respectively. The corresponding wave 
functions be ya and Jg respectively. Let us assume that initially the two hydrogen 
stance so that there can be no interaction between thetwo 


atoms are at infinite di 
Under such condition we can represent the total system 


wave functions д and ув. 


by the relation: 
ф = dais 
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ТЕ is necessary to appreciate that each wave function has a corresponding energy 
which can be evaluated with the aid of the Schrodinger equation (cf; Appendix I, 
Part II): 


Hy = Еф 
where His the Hamiltonian operator which takes the second partial derivative of 
the wave function y, adds them together, multiplies by — /*?/87?m and then adds 
the product of у and the a energy V of the electron – proton system. 


# = [ens (2 дї ар +) није m 


Since we have placed our two hydrogen atoms at large distance the total 
energy of the system must be the sum of the two individual hydrogen atom 
energies. This can be demonstrated assufning that H represents the Hamiltonian 
of the total system. Then we can write the following relations: 


Hy = Еф 
Hata) = Palys + ув Hiya 


It follows from Schrodinger relation that Hy, and Hyg will equate to РАМА 
and Ерув. So we have: 


Н (ул ув) = Ев/лув + Earns 
= (Ea + Ев) Hays) = 2Ёңф 
Thus for the two non-interacting Н atoms the total energy: Е = 2Ен 
So far, however, no bonding interaction has taken place. The product wave 
function will still stay good when we bring the two atoms closer together. Then 
there will arise the possibility of the two electrons to exchange places. This 
situation will admit of the following two wave functions: 


dr = Ya (1) Хв (2) and jn = a (2) в (1) 
where (1) and (2) represent the two hydrogen electrons as described at the 
beginning, since ут and Џи are equally likely because of indistinguishability of 
electrons then a combination of the two, called Weovazent, Will be equally likely: 


соает = Y1 + фи = VA (1) ув (2) + Ҹа (2) Ув (1) 


Such waveequation can be solved for energy with the help of Schrodinger relation 
Hy = Ер as a function of separating distance r between the two hydrogen atoms. 
The evaluated energy is observed to be lower than the sum of the two 
non-interacting hydrogen atom energies. wcovatent will mostly represent the 
H, molecule i.e. the shared pair covalent bond. However there will be a small 
probability that both the electrons will be found on the orbital of an individual 
hydrogen atom, This can be represented as: 


Yionic = ФА (1) Ф (2) + Vs (1) Ҹв (2) 
[= Hz H$ HS HE] 
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It may, however, be noted that since both the hydrogen atoms have the same 
electronegativity the contribution of хоме towards the final energy will be 
small. But covatent actually recognises that the two electrons (1) and (2) are 
being shared between the orbitals of the two atoms. In order for Pauli exclusion 
principle to be valid lowering of energy will occur i.e. a stable combination will 
occur only when the two electrons share the orbitals with their spins opposed to 

each other. 


At the end of Page 96 


Equivalent hybrid orbitals and non-equivalent hybrid orbitals: Hybrid orbitals 
may be classified under two heads: (а) equivalent hybrid orbitals and (5) non- 
equivalent hybrid orbitals. Equivalent hybrid orbitals are those where the per- 
centage contribution of the combining atomic orbitals remains the same in all 
the hybrid orbitals. In other words the composition in respect of contribution 
of the different types of orbitals is identical, Thus in the two linear hybrid orbitals 
of sp type contribution of s and p atomic orbitals is the same (5092). In sp? hybrid 
crbitals all the three planar hybrid orbitals have 33% s character and 66% p 
character, Similarly all the four hybrid orbitals of the sp? type have 25 75 scharacter 
and 75% p character. All equivalent hybrid orbitals are identical in their orienta- 
tion in space with respect to each other. Thus the two sp hybrid orbitals are rela- 
tively at 180°, the three sp? hybrid orbitals are at 120° to each other and the four 
зр? hybrid orbitals are at 109° to each other, The octahedral d?sp? ог sp?d* hybrid 
orbitals are also equivalent. The bond lengths and bond strengths are usually the 
same for the equivalent hybrid orbitals. 

In the case of trigonal bipyramid we have the hybridisation dsp*, This 
hybridisation gives three strong equatorial bonds (s,px, py) and two relatively 
weaker axial bonds (pz, 423). Bond lengths and bond strengths are different in 
the equatorial and axial plane. Square pyramidal hybridisation, d*sp*, is also 
made of four strong square planar (4р?) and the 42 orbital, Once again bond 
lengths and strengths are different in equatorial and axial planes. Thus dsp* 
(trigonal bipyramid) and d*sp* (square pyramid) are examples of non-equivalent 
hybrid orbitals. 


Page 107: At the end of fourth paragraph 


Although melting points predict ionic structures for SnF, and AIF, recent 
structural studies indicate that these compounds are polymeric (cctahedral) 
covalent, Thus SnF, has a structure with four bridging equatorial flucrines and 
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two non-bridging axial fluorines coordinated to tin, In AIF; each aluminium is 
linked to as many as six fluorines, all the fluorines being bridging in nature. 
F F 
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At the end of Page 131 


Bent's rule: Bent has formulated a rule about the weightage of s character 
and p character in hybrid orbitals of a central atom, which is dictated by electro- 
positive and electronegative substituents attached to the central atom. As originally 
proposed this runs as: 

Atomic s character tends to concentrate in orbitals that are directed towards 
electropositive groups and atomic p character tends to concentrate in orbitals that 
are directed towards electronegative groups. 

Bent's rule appears to be capable of explaining some refinements in bond 
angles over that predicted by VSEPR model. But before we present ап example 
or two the readeris advised to recall that percent s character and percent p charac- 
ter have a say in determining the bond angle, The greater s character is the greater 
is the bond angle while the greater the p character of hybrid orbital the smaller 
is the bond angle. ! 


Hybridisation % s Character % p Character Bond angle 


sp 50 50 180 
sp 33 66 120 
sp* 25 75 109 


The structure and the bond angles of SF, and OSF, are given below. In SF, 
molecule there is a lone pair and a lone pair, as we have seen, prefers an equatorial 
Position. The axial FSF aagle is 173° which is just 7° compressed from the ideal 
180°. This can be explained on VSEPR model being caused by heavier repulsion 
by the lone pair in the equatorial plane, But the equatorial FSF angle is 101° 
which is compressed by as much as 19° from the idealised 120°. VSEPR tells us 
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that 90° interaction between the equatorial lone pair and the axial fluorine must 
be greater than 120° iriteraction between the equatorial lone pair and the equatorial 
fluorines, It is here that Bent's rule makes an improvement over VSEPR. The 
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Axial FSF bond angle 173 164° 

(idealised = 180°) 

Equatorial FSF bond angle 101° 115° 


(idealised = 120°) 

Ione pair is under the sole control of a single nucleus and this may be viewed as 
a substituent with an effective electronegativity of zero. Therefore it is most 
likely that the lone pair attracts more s character than the equatorial bond 
pairs, Thus for the equatorial bond pair the p character is more than that pre- 
dicted by sp? hybridisation. Hence with increasing p character the equatorial FSF 
bond angle should decrease. 

In OSF, the axial FSF bond angle is 164° i.e. 16? less than the idealised 180°. 
This decrease according to VSEPR may be attributed to repulsion by the O = $ 
double bond, However the equatorial FSF bond angle 115° is quite close to the 
idealised 120°. Here Bent's rule is again useful, Instead of a lone pair in SF, we 
have = О in ОЗЕ, Oxygen being very electronegative p character will predomi- 
nate i.e, the equatorial bonds will be much more close to sp? than in SF,. Hence 
the sp? bonds in OSF, are very nearly comparable and bond angles are close to 120* 
(actually 115°). ] 

Another example where Bent's rule comes to our aid is the molecule OCIF;. 
The equatorial OCIF bond angle is 109? which is significantly shorter than the 
expected 120? based on sp* hyprid orbitals. This sharp 


difference is not easily explained by VSEPR on the basis p о 
of the repulsive effect of the lone pair. A double bond is | 2 
quite fat and is expected to be quite close to a lone pair in ea 
repulsive effect. However Bent's rule predicts that sincethe | 5 


lone pair is a ‘substituent with practically zero electrone- 
gativity so it will have more 5 character. This means that equatorial ос! F bond 
the equatorial oxygen and fluorine will have more p character (ти «ТИЙ : 
and hence the equatorial bond angle OCIF is substantially 

lower than 120°. However this lowering is not as severe as 101° for the equatorial 


FSF in SF, This is easily explained when we consider the electronegativity 
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difference between sulphur and fluorines (~ 1.5) as against the difference between 
chlorine and the oxygen (~ 0.5) and fluorine (~ 1.0). 


Page 211: Structures (10 — III) and (10 — IV) should be corrected as shown 
below: 


CH 
LL Jum 
d Co We Si [СІ 
М. Y 254 
Vd "t , 
сн 
(10-11) (10-1V) 


Page 239: at the end of the fourth paragraph 


It can be guessed 'that if Н,О of [Ti(H;O),]** is substituted by a stronger 
ligand, say by dipyridyl giving [Ti(dipy);]**, then light of much higher energy 
(presumably of the violet region; ~ А = 400 nm; ~ 25,000 cm-!; ~ 25 xk) will 
be required to effect the tog — ер electronic transition since A will now be much 
higher. The transmitted light will be correspondingly of lower energy and thus 
the observed colour will be yellow-green or so. Thus we have a simple crystal 
field explanation of changing colour of a complex with change in the ccordinating 
ligand, assuming however the geometry remains the same. This is, in fact, how 
the spectrochemical series is obtained. 

It is also of interest to note that high spin cobalt (ТП) (34*) fluoro complex 
Ка [CoF,] looks blue while all low spin octahedral complexes of cobalt (III) 
(eg: [Co(NH3),] Cls) are yellow to orange. Evidently K, [CoF,] absorbs low energy 
light and transmits high energy light while the diamagnetic complex does the 
reverse i.e. absorbs high energy light and transmits low energy light. A simple 
undergraduate level explanation is that for the high spin complex A is less than 
the pairing energy P of cobalt (III) while for the low spin complex A is much 
larger than P i.e. A (Ls.) > A(h.s.). Hence different amounts of energy аге re- 
quired for the electronic transitions in the two spin states, thereby showing varying 
colours. However this explanation is too simple. For an exact explanation one 
has to make use of the Tanabe-Sugano diagrams of h. s. d* (Fig. 11.10) and 
Ls. d* (Fig. 11.11.). 


Page 279: Last line: Read “L vector and p vector” for “S vector and p vector". 


Page 295: peo third line: Read “momenta become zero" for “moment 
become a zero". 


Page 300: seventh line: Read | Th and Th" for Th and ге 
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Page 227: at the end of the last paragraph 
The value of Ра in an octahedral geometry has been calculated with the 
follówing results: : 


D = —— and а = 


Where — electronic charge 
— magnitude of the charge on the ligand 
metal—ligand distance 
= mean fourth power radius of the d electrons of the 
central ion 

However this theoretical value of Dq has little value as the terms are 
difficult to determine. In reality the value of Ра is evaluated from electronic 
spectral measurements and Tanabe-Sugano diagrams ( page, 276 ). 
Page 233 ; at the end of the sixth line 

The CFSE (= 12 Ра) of [Ni (Н.О), ** is —10,200 cm-* while that 
(= 8рф ) of [ Ni cl, ]* is —3254 cm~ so that the difference is about —7,000 
cm-! in favour of the octahedral aquo complex. The corresponding values of 
[Со ( H20 ), ]** ( = 824 ) and of [Cocl, ?- (= 12 Раг) are —7440 cm and 
—3714 cm~ so that the.difference is about —3700 ст“: in favour of the aquo 
complex. Thus nickel (II) favours octahedral geometry to tetrahedral gecmetry 
much more than does cobalt (II). j 


Hane 
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Electrolytic reaction, 141 

Electron affinity, 72 

Electronic configuration, 35 
Electronegativity, 73 

Electronegativity and bond type, 77 
Electronic spectra, 239, 273 

Electronic theory of acids and bases, 162 
Electronic transition selection rules, 239 
Electrons, 4 

Equivalent hybrid orbital 341 
Equivalent weight, 155 

Exclusion principle, 33 


Fajans' rules, 105 

Factors in complexation, 246 
Formal potential, 146 
Formation constant, 243 
Flexidentate behaviour, 205 


Gamma ray, 5 

Geometrical isomerism, 215 
Gouy method, 287 

Group displacement law, 300 


Hard acids and bases, 164 
Hemoglobin, 257 
Henderson equation, 173 
High spin complexes, 229 
Hole formalism (equivalency), 270 
Hund's rules, 268 
Hybridisation, 93 

intuitive approach, 95 
Hydration energy, 89, 234 
Hydrogen bond, 116 
Hydrolysis, 182 
Honigschmid's work, 61 


Indicators, 174 
Inductive effect, 181 
Inner metallic complexes, 210 
Inter molecular forces, 115 
Ion electron method, 135 
Ionic bond, 85 
Tonic potential and its usefulness, 109 
Tonic radii, 78 

variation, 81 
Tonisation potential, 67 
Irving Williams series, 245 
Isobars, 315 
Jsomerism, 212 
Isotones, 316 
Isotope dilution analysis, 319 
Tsotopes, 14, 301 


Jahn Teller effect, 237 


Lande interval rule, 272 
Lanthanide configuration, 48 
Lattice energy, 86 

Lead storage battery, 142 

Less familiar oxidation states, 247 
Liquid ammonia, 192 

Liquid hydrogen fluoride, 194 
Liquid sulphur dioxide, 195 

Long form periodic table, 44 


Magic number, 328 

Magnetic moment, 261 

Magnetic properties of lanthanides, 284 
Magnetochemistry, 260 

Manmade elements, 314 

Mass spectrography, 62 

Mendeleev's table, 42 

Metal complexes in living systems, 257 
Metal indicators, 253 

Metal extraction procedures, 156 
Metallic bond, 110 

Microstates, 270 

Molecular orbital theory, 100 
Moseley's work, 10 

Multiple bond, 97 

Multiplet width, 279 


Nature of coordinate linkage, 223 
Nephelauxetic effect, 241 
Neutrino, 295 

Nickel storage battery, 142 
Nomenclature of complexes, 209 
Non-aqueous solvents, 189 
Non-equivalent hybrid orbitals, 341 
Nuclear binding energy, 323 
Nuclear fission, 328 

Nuclear fusion, 332 

Nuclear instability, 297 

Nuclear reactions, 297 

Nuclear spallation, 332 

Nuclei, 9 


Octahedral holes, 124 
Octahedral stereochemistry, 222 
Oil drop experiment, 6 

Orbital contribution, 283 
Orbital energy ordering, 31 
Orbital occupancy ordering, 33 
Orbital overlap, 93 

Orbitals, 27 

Organic sequestering agents, 212 


Orbital rotation model, 283 

Orgel diagram, 274 

Ostwald's dilution law, 187 

Outer sphere complexes, 245 
Oxidation number, 134 

Oxidation number method, 137 
Oxidation reduction, #33 
Oxidation reduction potential, 144 
Oxidation states stabilisation, 247 


Packing fraction, 325 
Paramagnetism, 261, 263 

Partial ionic character, 114 

Pascal's constants, 266 

Pauli principle, 33 

Periodic classification, 39 

Periodic variation of acidity and basicity, 179 
Photoelectric effect, 15 

Pi bond, 97 

Planck's constant, 15 

Palarisation of ions, 105 

Polarity of molecules, 112 
Polytopal isomerism, 221 

Positron, 8 

Probability interpretation, 27 
Problems on magnetochemistry, 286 
Problems on VSEPR, 129 

Protonic concept, 161 


Qualities of ioaising solvents, 190 
Quantum numbers, 21, 27 


Racah parameter, 276 
Radiations, 293 

Radioactive decay, 304 
Radioactive equilibrium, 309 
Radioactivity, 292 

Radius ratio rules, 121 
Resolution of optical isomers, 219 
Resonance, 98 

Resonance and tautomerism, 100 
Rest mass, 4 

Richards' work, 60 

Russell Saunders coupling, 267 
Russell Saunders terms, 269 
Rutherford's atomic model, 9 
Rydberg constant, 16 


Scale of pH, 169 

Screening constant, 12 
Separation of isotopes, 316 . 
Shapes of covalent molecules, 125 
Shapes of orbitals, 29 

Sigma bond, 97 
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Sigma bond and pi bond, 97 
Slater's rules, 337 

Sodium chloride structure, 122 
Soft acids and bases, 164 
Solvation energy, 89 

Solvent system concept, 160 
Sommerfeld's modification, 21 
Spectrochemical series, 235 
Spinel structure, 233 

Spin magnetic moment, 264 
Spin orbit coupling constant, 271 
Spin quantum number, 23 

Spin state equilibrium, 230 
Splitting of d orbitals, 227 
Splitting of p órbitals 227 
Stability constant, 243 

Standard electrode potential, 142 
Stas' work, 59 

Stereochemical preference, 232 
Stereochemistry, 206 

Strengths of acids and bases, 169 
Structure of ice and water, 119 
Super exchange, 242 

Synergic effect, 249 


Tanabe Sugano diagrams, 274 
Tetragonal compression, 236 
Tetragonal distortion, 236 
Tetrahedral holes, 124 

Tetrahedral splitting, 231 

Transition elements, 35 

Trigonal prismatic coordination, 223 


Uncertainty principle, 25 

Unified carbon—12 scale, 57 

Uses of coordination complexes 
in analytical chemistry, 249 
in industry, 255 
in.medicine, 255 


Valence bond theory, 92, 339 

Valence shell electron pair repulsion, 127 

van der Waals forces, 115 

van der’ Waals radii, 80 

Variation in acid and base properties, 177 
Variation of 10 Dq, 235 

Verification of octahedral stereochemisty, 22 Ў. 
Wave function, 27 / 
Wave model for light, 14 Р 
Wave model of electrons, 26 

Wilson cloud chamber, 8 


# 


X-ray spectra, 10 


SOME COMMENTS ON THE SECOND EDITION 
OF INORGANIC CHEMISTRY 


“...1 am happy to write that each line of the book reflects the sincere effort of 
the author. Undoubtedly this is the main reason which enabled the book to come 
in the fore front of all Indian Inorganic Chemistry books.” Pror K MOHANAN 

Govt Arts & Science College, Calicut 


**.. Congratulations for bringing out a very useful book in two Parts, Indeed, 
the book is the result of solid and sustained effort and reveals your vast experience 
in the field.” — Dr N THANKARAJAN, University of Calicut 


“...1 find that both the Parts of the book are nicely and lucidly written.” 
— Dn R D Verma, Panjab University 


*.. Apart from its lucidity what I most like about your book is its attempt to 
present a coherent picture of Inorganic Chemistry based on principles rather 
than burden the reader with large body of factual information of little or no 
value, In fact the book truly reflects the spirit of modern Inorganic Chemistry 
and the way it should be taught." — ProF B Maser, North Bengal University 


* ,.I must congratulate you for undertaking so much pains to update the 
materials. 1 must say that it is a very good text book." — ProF К С DasH 
Utkal University 


“...1 note that it has been very well written both in content and style. 1 have to 
congratulate you for producing such a good book which I think will have its 
valuable role in suitably changing the outdated teaching pattern being followed 
in many Indian Universities. 1 am truly confident that both students and teachers 
would welcome this behaviour.” Dr D P SHRIVASTAVA, University of Saugar 


“The book is the best Inorganic Chemistry book which I have so far seen." 
— У CHINNUSAMY, SRM V Arts College, Coimbatore 


8, Т can say without reservation that this is the best book in the subject written 
by an Indian author particularly to suit the needs of Honours students of our 
Universities . . ." — DR M KATYAL, Si Stephen’s College, De 


